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Preface 


TO THE THIRD EDITION 


In the period since publication of the second edition the authors have 
made many changes in the presentation of material to classes and in the 
analytical procedures. The purpose of this revision is to incorporate in 
the text the features which we have found helpful to students. Essen- 
tially the book is the same in general arrangement and in the relation of 
theory to laboratory work. It is, however, almost completely rewritten. 

Changes include the following: The questions and problems are mostly 
rewritten and almost doubled in number so that the teacher may have 
more selection in his assignments. Answer sheets are available from the 
publisher, on order of the instructor. In weighing, emphasis is placed on 
use of chain balances and single-swing rest points. The authors find 
that much time is saved by these changes. We recommend that, before 
the student is permitted to use these methods, he be required first to 
master the use of the rider balance, with multiple-swing rest points. 
Electrochemical conventions have been changed to conform to those 
used in most texts of Physical Chemistry. The chapter on theoretical 
aspects of precipitation has been expanded into three chapters, but they 
are so arranged that the more difficult topics may be omitted from the 
first course if desired. The material on complex equilibria, formerly in 
Appendix III, has been expanded and made into a chapter of the text. 
The chapter on colorimetry has been omitted, since this subject is usu- 
ally treated in advanced courses on instrumental analysis. The chapter 
on electrometric titrations is retained because it is closely related to the 
theoretical discussion of oxidation-reduction equilibria. 

Numerous laboratory exercises have been added, and some have been 
deleted. Emphasis is placed on commercially available analyzed samples 
although some synthetic solutions, such as those of iron and copper, have 
been retained as exercises. As in the previous edition, use of carbonate- 
free base is strongly recommended. We have found student results much 
better with this than with base which contains carbonate. The carbonate 
determination has been modified by substitution of methyl red-brom- 
cresol green mixed indicator for modified methyl orange. Arsenious 
oxide is recommended as primary standard for permanganate; our expe- 
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rience has been that student results are considerably better with this 
standard than with sodium oxalate. 

Emphasis is placed on use of labor-saving devices, such as the Selas 
filtering crucible and muffle furnaces for ignition. 

We wish to thank the teachers and students who have made many 
helpful suggestions and have pointed out mistakes and ambiguous state- 
ments. It is hoped that errors in the present edition will be called to our 
attention. 

Grateful acknowledgment is made to Professor Willard R. Line of the 
University of Rochester, for his review of the manuscript and his many 
helpful comments; to Professor George Schaeffer of the University of 
Chicago, for many specific suggestions; to Dr. G. A. Perley for helpful 
comments on the glass electrode section; to Dr. G. E. F. Lundell and Dr. 
J. I. Hoffman for permission to use the table of acid-base indicators from 
Outlines of Methods of Chemical Analysis; and to Professor G. Frederick 
Smith and the editor of Industrial and Engineering Chemistry for permis- 
sion to reproduce the titration curves of Figure 34. 

Willis Conway Pierce 
Edw t ard Lauth Haenisch 

Claremont, Calif. 

Villanova, Pa. 

March 1948 



Preface 


TO THE FIRST EDITION 


Numerous objectives are sought in teaching quantitative analysis. 
Aside from becoming familiar with the more common analytical pro- 
cedures and their applications, the student should also develop a certain 
degree of technical skill. M oreover, he should understand the theoretical 
principles on which the analytical methods are based and should be able 
to perform with facility the stoichiometric calculations involved in an 
analysis. Finally, the well-trained analyst should have a knowledge of 
the precision and accuracy to be expected of each determination, and he 
should be aware of the errors which may be encountered. The authors 
have attempted to correlate these various objectives in the development 
of this book, and to emphasize all aspects of the subject in connection 
with each determination. At the same time an effort has been made to 
keep the presentation as simple as possible. 

The book is designed for use in a first-year course in quantitative an- 
alysis, and it contains all the material usually treated in a year’s work. 
In the arrangement, however, the needs of the one-semester course have 
been kept in mind, and the material which is not treated in the first 
semester’s work has been segregated in separate chapters. A logical and 
continuous development has been sought to facilitate the presentation 
in the beginning course. Each topic is introduced by a brief description 
of the methods to be used and a simplified explanation of the theory in- 
volved. This is followed by a presentation of the stoichiometry of the 
method and, finally, by the laboratory procedures. Advanced theory, 
when given, follows tl ' laboratory procedures. 

The book is divided into sections, in order to permit flexibility in 
teaching. Part I deals with fundamentals, the preparation of equipment, 
and the use of the analytical balance. After this section is completed, the 
teacher may proceed either with volumetric analysis, in Part II, or with 
gravimetric analysis, in Part III. Each of these sections is independent 
of the other, and may be studied as a unit. 

Throughout the book, the procedures are set apart from the discussion 
of methods and of theory. Each procedure is followed by a section of 
explanatory notes which serves both to clarify the correlation of theory 

vii 



vm 


Preface 


and practice and to emphasize the need for special precautions. It is 
expected that the student will carefully study the procedure and notes 
before beginning an experiment. During th(‘ analysis lit' then needs to 
follow only the procedure, which is stated concisely and without, em- 
bellishment. | Details of laboratory technique are repeatedly stressed in 
the explanatory note^ even at the risk of tiresome repetition, since it 
is the experience of most teachers that these details cannot be over- 
emphasized. A list of general errors is given in I he preliminary discussion 
of each type of analysis, and, in addition, each procedure is followed by 
a list of the specific errors that may be encountered. 

A detailed discussion is given for each type of stoichiometric calcula- 
tion used in analysis. This discussion is illustrated by complete solutions 
for typical problems, and, in addition, there are provided numerous prob- 
lems for home work. Many of those problems illustrate laboratory 
methods which spare limitations have prevented including in the textual 
material. In connection with the problems for home work a largo num- 
ber of review questions are also given. Most of the questions are de- 
signed to emphasize* and illustrate points which an* treated in the* text, 
hut some of them require independent thinking or consultation of more 
advanced works. Answers have hern provided for a portion of the prol>- 
lems, in order to enable the student to assure himself that he is using 
correct methods of attack, but they are not given for all problems since 
this may easily lead to the practice of working for an answer. 

In the stoichiometry of volumetric analysis, the concept of the milli- 
equivalent is widely used, in consistency with the use of the milliliter as 
the laboratory unit of volume. In tin* experience of the authors, tin* use 
of the inillioquivaloiit instead of the equivalent facilitates the ability of 
the average student to grasp the int rieavios of stoichiomef ric calculations. 

In the chapters devoted to an advanced treatment of theory a mature 
level is adopted. There is assumed a thorough knowledge of chemical 
equilibrium, such as is usually treated in qualitative analysis. Momen- 
tary physical chemistry is freely introduced in the sect ion on the theory of 
oxidation-reduction processes. Much of the theoretical material is de- 
veloped by the problem method of presentation. Kacli new point is illus- 
trated by the complete solution of a typical problem, and, in addition, 
there are given numerous problems for home work. 

A chapter in the first section of the. book is devoted to a discussion of 
precision, err ors, and significant figures. The authors feel that these con- 
cepts should be introduced early in the course, and that they should be 
constantly emphasized in connection wit h all laboratory work. Through- 
out the earlier determinations the student is encouraged to examine the 
probable sources of error and to determine for himself the accuracy which 
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may be expected from his results. In addition he is taught to examine 
his results from the viewpoint of precision. 

The section on analysis of a limestone rock gives, in addition to pro- 
cedures for a proximate analysis, other methods of general applicability 
in mineral analysis. Sufficient detail is provided to enable the student 
to analyze most of the simpler silicate or carbonate rocks. 

The last section of the book deals with specialized methods of analysis 
and with the use of chemical literature. Obviously, an introductory text- 
book cannot describe many special methods of analysis. In addition to 
conventional exercises in electrodeposition, the authors have selected 
for discussion colorimet ric methods and potent iometric titrations. These 
are included because 4 of their growing importance in biological analyses 
and are illustrated with procedures which may be included in a first 
course 4 if desired. It is felt that the section on the use of chemical liter- 
ature is an important item in training analytical chemists, since the stu- 
dent, at the conclusion of a year’s work, should be able to locate and use 
any method which is published. The authors recommend and use the 
widespread practice of assigning to each student one analysis for which 
the original literature must be consulted. 

Sections on mathematical operations and on hydrolysis are given in 
the Appendix. The former is included for the benefit of those students 
who are inadequately prepared; the latter section is offered as an ad- 
vanced treatment of complex equilibria for the benefit of superior 
students. 

The selection of student exercises for an elementary textbook is a 
difficult task because of the great divergence among the practices of 
various teachers. Therefore every general method is illustrated by pro- 
cedures for several different analyses. This permits each teacher to 
choose the preferred type of unknown sample. The authors strongly rec- 
ommend the use of synthetic solutions as unknown samples for the earlier 
volumetric analyst's, because this type of unknown permits the teacher 
to give each student an individual sample of accurately known analysis. 
An objection to this practice is that it does not provide training in the 
technique of bringing samples into solution, but this training is acquired 
later in connection with more difficult analyses. In every place that 
directions are given for the analysis of a prepared solution directions 
are also given for the analysis of a commercial product or ore. 

The authors favor the widely used procedure of teaching volumetric 
analysis first, because this permits the student to become acquainted 
with the analytical balance by means of the relatively inexact weighings 
necessary for calibration of volumetric apparatus, and because most of 
the technique of volumetric analysis is more readily acquired than the 
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exacting technique of gravimetric analysis. If this plan is followed stu- 
dents may be assigned the material of Chapters I, II, III, V, VI, VII 
in order. If it is desired to begin with gravimetric analysis, the material 
of Chapters I, II, III, XV, XVI, XVII constitutes a logical sequence. 

The writers desire to acknowledge their indebtedness to Professors 
W. A. Noyes, Jr., T. F. Young, and W. E. Vaughan for many features 
of the course on which much of the book is based. Many useful prob- 
lems and laboratory hints were furnished by Professors P. C. Gaines, 
L. 0 . Hill, and 0 . E. Sheppard. To the various students who assisted in 
the preparation of the manuscript and in testing procedures, the authors 
give their thanks, in particular, to Messrs. A. A. Danish, N. H. Koenig, 
A. H. Jaffey, D. P. MacMillan, and W. W. Marshall. Professor G. 
Frederick Smith has kindly read the completed manuscript and has given 
many valuable criticisms. The standard reference works and textbooks 
in the field have been freely consulted. Particular acknowledgment 
should be made to Applied Inorganic Analysts, by Ilillebrand and Lun- 
dell, and to the various works of I. M. Kolthoff and his collaborators. 

W. C. Pierce 

E. L. Haenisch 


Chicago, Illinois 
January 1937 
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CHAPTER 


1 


Introduction 


To the Student 

Following a year or more of work in chemistry you are now beginning 
a new subject, quantitative analysis. Before starting this it is helpful 
to know what the course will cover, the objectives to be sought, the im- 
portance of the subject, and its relation to other fields of chemistry. In 
qualitative analysis methods have been studied for identifying the ions 
in a solution. Quantitative analysis is, as the name implies, the deter- 
mination of the amounts or percentages of one or more constituents of 
a sample. 

There are a variety of methods for determining the amount of a 
constituent in a sample. The most common are known as gravimetric 
and volumetric methods. Gravimetric analysis is based upon isolating 
and weighing the desired constituent as a chemical substance of known 
purity. The isolation of the constituent may be done by precipitation, 
just as in qualitative analyses. For example, the amount of chloride 
ion in a sample may be determined by treating a solution of the sample 
with silver nitrate, thus precipitating silver chloride which is collected 
on a filter, dried, and weighed. In a volumetric analysis the amount 
of the sought constituent in the sample is determined by means of the 
volume of a reagent solution that is required to react with the sample. 
For example, the quantity of acetic acid in a vinegar sample can be 
determined from the volume of a sodium hydroxide solution of known 
strength that is required to react with the sample. Neutralization titra- 
tions of this type have doubtless been done in your general chemistry 
course. In addition to gravimetric and volumetric methods there are 
numerous other types of quantitative analyses. Important among 
these are many instrumental methods which are widely used in industry. 

In general, it is necessary to know the qualitative composition of a 
sample before a quantitative analysis can be made. For example, if 
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you are seeking to determine the amount of chloride in a sample, you 
should know that it contains no other ions that will give a precipitate 
with silver nitrate. Usually, however, it is not necessary to carry out a 
complete qualitative analysis before making the quantitative deter- 
mination. The origin of the sample often gives tin* desired information. 
A sample of vinegar, for example, will not contain acids other than 
acetic, or a sample of table salt halogens other than chlorine. 

Several objectives should be kept in mind for this course. 

1. You should master the use of tools which are required in analysis, 
particularly the analytical balance and the bunds, pipets, and so on, 
which are required for the accurate measurements of volume. ^ ou have 
used these tools in previous work but usually not with the highest ac- 
curacy. In this course you should learn how to obtain from those basic 
tools all the sensitivity and accuracy they are capable of giving. Fur- 
ther you should learn of the limitations of balances, burets, and the like, 
so that you may know what accuracy to expert trom their use. Perhaps 
a fourth of your laboratory time will be devote* 1 to use of the basic tools. 

2. You should learn to do accurate* and careful work. This requires 
not only practice but also an understanding of the factors which may 
affect the accuracy of analyst's. 

The analyst must work to a precision of ToW* that is, make meas- 
urements which arc reproducible to within an error of measurement 
equal to y<foo the total magnitude being measured. A common 
weight of sample is 0.2 g; f 0 \ ro of this is 0.0002 g or 0.2 mg. You will 
have to learn to weigh a sample so carefully that the error in the deter- 
mination of the weight does not exceed 0.2 mg. A common volume is 
30 ml; reasoning similar to the foregoing shows that the error in the 
measurement of volume cannot exceed 0.03 ml if the desired precision 
is to be achieved. 

3. You should, by practice, become familiar with the more common 
analytical methods. This you will do by successfully analyzing un- 
known samples, selected to illustrate various types of determinations. 
A list of the required determinations will be given to the class early in 
the course. 

4. An understanding of the basic principles involved in the analytical 
methods is essential. You do not need to be a trained chemist to do 
good analytical work. Indeed, in many commercial laboratories the 
routine analyses are performed by non-technical personnel who are 
taught to do a particular type of work. Such personnel may equal or 
surpass the trained chemist in speed and accuracy so long as routine 
procedures can be applied, even though they have no understanding of 
the basic principles involved. But, if new methods are to be developed 
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or trouble occurs because of variations in the samples, the routine ana- 
lyst soon becomes lost. Even in such a simple matter as the selection 
of an indicator for acid-base titrations a knowledge of the basic theory 
is essential. The competent analyst, as distinguished from the techni- 
cian, is one who knows and can apply theory to his practical problems. 

5. You must understand and be able to apply all types of computa- 
tions employed in analytical work. It is truly surprising to find how 
many students report incorrect values for analyses because of faulty 
computations. It is quite probable that an error of this type will be 
made at least once by three fourths of the students in your class. 

(>. You should learn to keep permanent, legible, and intelligible 
records of your work. Many suggestions will be made throughout this 
book concerning methods for tabulation of data and recording of results. 

7. You should develop speed in laboratory work. This comes, not 
from manual dexterity as from an often repeated operation, but from 
an understanding of and careful planning for your work. The fastest 
worker may be one who dot's each operation slowly but who makes no 
mistakes and who plans his work so as to avoid waste of time. Careless 
work will almost inevitably lead to loss of time because repetition may 
l>e required. The work of the course is designed to be done in the 
scheduled laboratory hours, but, if time is wasted or repeat analyses are 
required, it will be necessary to spend extra time in order to complete 
the required work. 

A good principle to follow' is to study and outline each procedure 
carefully before coming to the laboratory to begin work on it. 

8. You should at all times be clean and neat in the laboratory. .This 
applies not only to the desk and equipment, blit to the notebook as 
well. It is possible to turn out good analyses from a dirty and disar- 
ranged desk, but such a coincidence is highly improbable. 

9. Finally, a well-trained analyst should know how to use the litera- 
ture when new and unusual problems are encountered. This requires 
an acquaintance with the standard reference books plus a knowledge of 
how to find information in the periodicals. Early in the course you 
should become acquainted with the available reference works in your 
library. 

The objective of the course is not primarily the training of personnel 
to fill positions in commercial analytical laboratories. In fact, probably 
only a small percentage of those in your class will become professional 
analysts. This course is important because every chemist, regardless of 
his field, constantly applies the techniques and principles he learned in 
quantitative analysis. Every research problem and all of chemical 
industry depends upon chemical analyses. Every chemist must know T 
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not only how to perform conventional analyses but also how to develop 
new methods to fit particular needs. Whatever his field of work, every 
chemist is to some extent an analytical chemist, whether he be an 
engineer, plant superintendent, purchasing agent, or executive. All of 
these must on occasion initiate chemical analyses and base decisions 
upon the results of analyses. 

The premedical student too should have a thorough understanding 
of analytical methods and their limitations. Modem clinical practice 
is to a high degree based upon laboratory findings, and the doctor 
should know the techniques and principles upon which these analyses 
are based. 



PART ONE 
Fundamentals 

CHAPTER 

2 


General Directions 


EQUIPMENT 

The equipment, used in a quantitative analysis course is of three kinds: 
(1) the desk outfit, which is assigned to the student at the beginning of 
the course and may be returned at its close; (2) special equipment, which 
is constructed by each student; (3) general equipment, such as the bal- 
ance, trip scale, steam bath, drying oven, and hot plate, which must be 
jointly used by several students. Before the work of the course can be 
started it is necessary to prepare the equipment needed. Instructions 
for the use of the various items are given in later sections. 

Desk Outfit 

Returnable Apparatus. The assigned desk is equipped with appa- 
ratus which must be returned in good condition at the end of the course; 
it should be carefully inspected before it is accepted, and each item 
should be checked against the list supplied by the instructor. Note in 
particular that the glassware is not cracked, that buret and pipet tips 
are not chipped, that the buret stopcock fits well, and that the crucibles 
arc in good condition. Make a list of any apparatus missing or defec- 
tive, and present this to the instructor for his approval. 

Special Equipment 

The apparatus provided includes non-returnable items that will be 
needed in preparation of special equipment. The instructor will specify 
that certain of the following items be constructed for later use: 
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Wash Bottles. Construct from flat-bottomed boiling flasks (Flor- 
ence flasks), preferably with ring necks, two wash bottles as shown in 
Fig. 1. Either 1000- or 500-inl flasks may be used, as provided in the 
equipment. One bottle is for ordinary washing with cold water and 
the other is for hot water and special solutions. The fittings are made 
from glass tubing of proper size to fit the holes in the rubber stoppers. 
Bends can only be properly made by use of a wing tip on the burner so 
that the tubing is heated over a distance of 1-0 cm. While heating, 



constantly rotate the tubing, but take care not to twist it as it becomes 
soft. After it is soft, remove the tubing from the flame, and quickly 
bend it to the desired angle (if a tube is bent to a more 1 acute angle than 
is desired, it is not easy to relxmd, and the piece should be discarded). 
Place the bent tube on a wire screen, and allow it to cool. Cut the two 
ends to the desired length, and fire-polish the ends by heating with con- 
stant rotation in the flame from a burner (without wing tip). This is to 
remove sharp edges that will cut stoppers or rubber tubing. 

The delivery tip is constructed as follows: Hold a short length of 
tubing in the blue flame from an ordinary burner (without wing tip) so 
that about 2 cm at the center is heated. Rotate constantly, and, when 
the tubing is soft, push the ends gently so as to form a slight bulge 
as shown in Eig. 2a. Now with constant rotation heat the bulge until it 
collapses as shown in Fig. 2b. Remove from the flame, and while still 
red hot draw' out the tubing, slowly at first and then more rapidly as it 
cools. When it is cold, cut the tip to the proper length, fire-polish until 
the orifice is about 1 mm in diameter, and set aside to cool. Fire-polish 
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Safety Bottle 

the other end after cutting to the proper length. This procedure pro- 
duces a thick-walled tip that is not so fragile as is obtained when the 
tubing is not first thickened at the heated portion. This tip is attached 
by a 5-cm length of flexible rubber tubing. The ends of the glass pieces 
should be pushed together. The flexibility of the rubber will permit 
free motion of the tip. The entire fitting should be so compactly made 
that the tip may be manipulated by the forefinger as the bottle is held 
in the hand. The rubber stopper should fit the neck of the flask tightly 
when it is inserted not more than halfway into the flask. Before assem- 
bly the stopper should be cleaned by boiling in dilute sodium hydroxide 
solution. 

The hot water wash bottle is provided with a pressure-regulating tube 
in order to prevent a rush of steam into the mouth at the cessation of 
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Fin. 2. Construction of wash-bottle tip. 

blowing. This is a short glass tube, open at both ends, which projects 
through the stopper. When the bottle is in use this tube is closed by 
placing the thumb over the upper end; removal of the thumb instantly 
reduces the pressure within the bottle. If three-hole rubber stoppers 
are not provided, it will be necessary to drill a hole for the pressure tube. 
This is done by means of a sharp cork borer which is lubricated by dip- 
ping it into dilute sodium hydroxide. The hot-water wash bottle may 
(optionally) be provided with a Bunsen valve, which serves to keep 
steam from escaping through the mouthpiece as the contents of the 
bottle are heated. This valve is made from a 5-cm length of flexible 
rubber tubing, which is attached to the inner end of the mouthpiece. 
The lower end of the tubing is closed with a length of glass rod. A lon- 
gitudinal cut in the rubber tubing acts as the valve and permits blowing 
into the bottle, but, when pressure is applied in the opposite direction, 
the edges of the cut are forced together and seal the opening. The neck 
of the hot-water bottle should be wrapped with asbestos paper or cord. 
The paper is best applied wet and allowed to dry overnight; there is 
sufficient adhesive material in the paper to make it cling tightly. 

Safety Bottle. In all suction filtration** a safety bottle should be 
inserted between the water aspirator pump and the suction flask, since 
a change in water pressure may cause water to back up through the 
pump and contaminate the filtrate. The safety bottle is also used, as 
shown on page 75, as protection when cleaning solution is drawn by 
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suction into burets or pipets. Construct the safety bottle as shown in 
Fig. 1. The three-hole stopper carries the two glass tubes that serve as 
inlet and outlet and a short length of glass tubing that connects to a 
rubber tube that is closed with a pinch clamp. This serves as a con- 
venient method for breaking the vacuum when apparatus is attached to 
the suction pump. 

Stirring Rods. Cut six or eight stirring rods from solid glass rod, 
and fire-polish the ends. Lengths should be made for use with the 250-, 



400-, and 600-ml beakers provided in the outfit. The rod should, when 
resting in the beaker, project 5-7 cm beyond the lip. Two of the rods 
should be fitted with rubber tips, closed at one end (policemen). These 
are used in the operation of filtration to remove precipitates which ad- 
here to the walls of beakers. 

Desiccator. Clean and dry the desiccator (Fig. 3), and fill the lower 
portion to a depth of 1-2 cm with the desiccant provided. If the plate 
does not fit securely, fasten it in position with three pieces of cork cut 
as shown in Fig. 3 and wedged in at the sides of the plate. Grease the 
ground glass rim lightly with petrolatum (not stopcock grease), set the 
cover on, and move it around until the greased joint is transparent; a 
minimum of grease should be used. 

The desiccator is a container used to preserve samples, ignited cruci- 
bles, and the like, in an atmosphere of low constant humidity. It may 
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be of any form and size; the only requirement is that it be tight. The 
most widely used style is a two-piece glass vessel as shown in Fig. 3. 
Recently several forms of metal desiccators have been marketed. In 
some of these the cover fits by a ground joint, as in the glass desiccators; 
in others the cover is a cap similar to that of an ordinary metal can. 
Metal desiccators have the advantage of low cost, low breakage, and 
rapid heat interchange with the surrounding air. The only disadvantage 
is that most desiccants cannot be placed directly in the chamber, be- 
cause of reaction with the metal; usually it is advisable to place the 
desiccant in an evaporating dish which rests on the bottom of the 
desiccator. 

A desiccator is most efficient when the volume of air contained is 
kept small. When the cover is removed, for insertion of a sample, 
much of the air in the chamber is replaced by air of higher humidity 
from the room. Air circulation in the closed vessel is so slow that 
considerable time is required to establish equilibrium again, and a sam- 
ple may absorb an appreciable amount of water from the moist air. 
Once a sample has l>een dried in a desiccator, it is desirable that the 
cover not be lifted frequently. 

('are must be exercised in the handling of a desiccator. Ignited cruci- 
bles should be placed in the chamber only after they have partially 
cooled for 00 seconds after the removal of the flame. At the end of the 
cooling period the cover should be removed gradually by sliding to one 
side to prevent a sudden inrush of air. A partial vacuum exists in the 
chamber because of the escape of some air expanded by the heat from 
the hot objects when they were first placed in the chamber. 

Desiccants. The desiccants most commonly used in the analytical 
laboratory are anhydrous calcium chloride and concentrated sulfuric 
acid, not because they are best but because of their ready availability. 
In fact, these are two of the poorer desiccants. Calcium chloride does 
not remove water at all completely, but produces a low enough humid- 
ity for student needs. Concentrated sulfuric acid is a fairly good desic- 
cant, but it has the disadvantage that the liquid may be splashed onto 
the bottom of objects in the desiccator. If it is used, the bottom of the 
chamber should be filled with glass beads and the acid level kept below 
the level of the beads. Barium oxide is superior to calcium chloride, 
but it is not readily available in suitable form. Phosphorus pentoxide 
is a very good drying agent but expensive and difficult to handle. When 
the surface of the solid becomes moist, the powdered particles coalesce, 
and a film of phosphoric acid forms on the surface to give a hard glassy 
layer that prevents air coming into contact with the unused oxide below 
the surface. The newly developed desiccants barium perchlorate 
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(dessichlora), magnesium perchlorate (anhydrone), and calcium sulfate 
(drierite), are superior to those previously listed and are today available 
through all supply houses. All these have high drying efficiency 1 and 
are easily handled. 

CLEANLINESS 

The importance of cleanliness in the laboratory cannot be overempha- 
sized. Good analyses cannot be performed with dirty equipment. Fur- 
thermore, a dirty or a disarranged desk is usually an indication of a 
poor or careless technician. The desk and the reagent bottles must be 
kept clean at all times. All equipment not in use must be kept within 
the locker, clean and neatly arranged, with the exception of the desic- 
cator and the burets, which are allowed to remain upon the desk top to 
avoid the danger of breakage entailed by frequent change of location. 
At the conclusion of each working period, the desk top must be sponged 
off and dried with a towel. Reagent bottles must be washed frequently. 
Spilled chemicals must be washed up immediately. 

Volumetric glassware is best cleaned by sulfuric acid-dichromate 
cleaning solution, as described on page 74. All other glassware is 
cleaned with soap and water (preferably hot) or with a soapless deter- 
gent, with the aid of a brush. After the apparatus is washed completely 
free of soap or detergent and rinsed with distilled water from a wash 
bottle (; never at the dis titled-water tap), it is wiped dry on the outside and 
is then allowed to drain by being inverted on a towel or placed on a 
drain board. Use of cleaning solution for general cleaning is not only 
dangerous, because of the powerful oxidizing properties of the mixture, 
but also inefficient. 


REAGENTS 

Chemicals are manufactured and sold in degrees of purity ranging 
from that of commercial grade to the best reagent grade. The well- 
trained analyst should know when it is advisable to use chemicals of 
low purity and when it is necessary to employ the purest grade obtain- 
able. Moreover, he should know, in each analysis, which of the impur- 
ities in the chemicals used may affect his results, and by what tests he 
can assure himself of the absence of these impurities. In those opera- 
tions in which the presence of impurities cannot cause harm, the cheap- 
est grades of chemicals can be employed. For example, cleaning solu- 
tion is prepared, not from pure sodium dichromate and sulfuric acid, 
but from commercial grades of these substances. 

Reagents are classed as follows: 

1 See J. H. Bower, J. Research Natl. Bur. Standards , 12 , 241 (1934), 
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Commercial grade (Com.). This grade is not purified by the special 
processes necessary for the elimination of traces of other substances. It 
is seldom employed in the laboratory for the preparation of analytical 
reagents. 

USP grade. This designation indicates that the standards set up in 
the United States Pharmacopoeia are followed. For some uses, USP 
chemicals are sufficiently pure reagents. 

C. P. and analyzed grades. The term C. P. (chemically pure) is some- 
what elastic in meaning; there is no general list of specifications to define 
the term. Because of this, various manufacturers prepare “analyzed” 
chemicals for use as reagents. Each package of analyzed chemicals has 
a label giving the manufacturer's limits of certain impurities. Such an 
analysis does not imply that the composition of the chemical is definitely 
that of the formula. For example, reagent-grade sodium carbonate may 
contain a certain amount of sodium bicarbonate, but nevertheless be of 
high purity. Certain chemicals are packaged with a label which gives 
the “assay,” or percentage of the major constituent. Such a label is 
valuable to the analyst, since he is often interested in the percentage 
purity rather than the limits of impurities. 

The American Chemical Society Committee on Analytical Reagents 
has established standards for certain reagents (sec following references). 
Many chemicals are now prepared to meet these specifications; they are 
labeled “Conforms to AC'S Specifications.” 

It is never wise to rely upon the label of a bottle as a guarantee of the 
purity of a chemical. Mistakes may occur, not only in testing, but also 
in packaging and in handling after the bottle has been opened. When- 
ever the presence of an impurity in the reagent may lead to trouble, a 
test should be made. The usual method is to run a blank determination, 
as described on page 90. 

In the laboratory, care must be taken to prevent contamination of 
reagents. No chemical should be returned to a stock bottle. All bottles 
should be closed except when in use. Liquid reagents should be poured 
from the bottle after first washing the lip while the bottle is stoppered; 
under no circumstances should a pipet be inserted into a reagent bottle. 
Particular care should be taken to avoid contamination of reagent bot- 
tle stoppers. When liquid is being poured from a bottle the stopper 
should never be placed on the desk or shelf; most chemists hold the 
stopper between two fingers of the right hand so that the plug projects 
from the back of the hand. 

The most common impurity in solid reagents is moisture, which is 
more or less firmly held by all solids. Very often the adsorption of 
water causes no difficulty, but, if the weight of a chemical must be ac- 
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curately known, the chemical must be dried. Directions are given 
whenever drying is necessary. 

Certain reagents are provided as concentrated solutions. Since these 
solutions are frequently used for the preparation of dilute solutions, the 
analyst should know their approximate strength. This is given, for the 
more common reagents, in Table 1. 

Dilute solutions of these reagents are prepared, when needed, by 
adding the concentrated solutions to water. The concentrations of 
dilute solutions are usually from 3 to G molar; usually the value of the 
concentration is specified as the molarity (or normality) or as the degree 
of dilution, which is indicated by the ratio of the volume of concentrated 


TABLE 1 

Strength of Laboratory Reagents 


Reagent 

Density 
( 1 9/ml ) 

Per Cent 
by Weight 

A pjrroximatc 
Molarity 

IIOl 

1.18 

36 

12 

IIN0 3 

1.42 

72 

16 

h 2 so 4 

1.83 

95 

18 

nCslIsO* (glacial) 

1.057 

99.5 

17 

NH 4 OH 

0.90 

28 (NH 3 ) 

15 


solution to that of water. For example, 1:4 hydrochloric acid indicates 
a solution prepared by adding 1 volume of concentrated acid to 4 vol- 
umes of water. 

■Distilled water is used for the preparation of all solutions employed in 
quantitative analysis. Even this water, as it comes from the tap, is not 
pure but is contaminated by dissolved gases and by material dissolved 
from the container in which it has been stored. Ammonia and carbon 
dioxide are always present, together with oxygen and other gases. The 
dissolved gases may be removed by boiling the water for a short time 
and cooling it in a stoppered container. Frequently distilled water is 
found to be contaminated by non-volatile impurities which have been 
carried over by the steam, in the form of a spray. Occasionally a still 
may froth, while in operation, and badly contaminate the distillate. 
When a fresh supply of distilled water is obtained, a test should be 
made for chloride or sulfate ion. If these arc absent, the water may be 
assumed to be reasonably pure. 

When water of the highest purity is required, distilled water is redis- 
tilled from an alkaline permanganate solution, in silica or block tin 
apparatus. (The permanganate solution oxidizes nitrogenous matter 
present.) Redistilled water prepared in this manner is known as con - 
ductivity water . 
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The storage vessel employed may have a marked effect on the purity 
of water or of reagents. Soda-glass or soft-glass vessels are much more 
readily attacked by reagents than the borosilicate glasses, such as Pyrex. 
When reagents are to be stored for long periods of time it is desirable to 
use some type of resistance-glass vessel. Alkaline solutions, in particu- 
lar, quickly attack glassware. Portions of the glass dissolve, and other 
more resistant portions flake off the walls to form a suspension. Because 
of this action it is nearly always necessary to filter ammonium hydroxide 
solutions before use. 
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RECORDS 

One of the important details of all chemical work is the keeping of 
complete and legible records of experiments. Quantitative analysis pro- 
vides especially valuable training in keeping records, because the work 
of the course is of such a nature that all data can be concisely and com- 
pletely summarized in a notebook. The following suggestions for keep- 
ing the notebook should be carefully studied. They are illustrated 
later by sample notebook pages. 


Suggestions for Keeping Notebook 

1. Use only bound notebooks, of the size specified by the instructor. 
Reserve the first page for an index, and number all subsequent pages. 
Many instructors prefer that the student use two notebooks, one of 
which is small and is for non-permanent data such as balance swings. 
It can be used to jot down data as they are taken; these data are later 
transferred to the main book. When this is done, each page of the non- 
permanent data book should show the page number of the other book 
to which data have been transferred. 

2. Record all data in a notebook as taken. Never use loose paper. 
Loss of data taken on loose paper has caused many students loss of val- 
uable time. 
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3. Make no erasures. If a value is to be invalidated, draw a line 
through it but in such a way that it is still legible. State in the note- 
book why data are discarded. 

4. Head each page with the date and title of the analysis. 

5. Strive for clarity so that any other chemist would be able to inter- 
pret your figures. Before starting an experiment it is advisable to think 
over the data needed and construct a table in which data and computa- 
tions can be neatly arranged. 


WORK OF THE COURSE 

A list of the determinations to be made w ill be furnished Each is to 
be made in duplicate or triplicate; that is, two or three portions of sample 
are analyzed with concordant results. The result of the analysis is re- 
ported on a card as specified. Sample cards are shown later. The report 
is graded according to the accuracy and precision of the results. If it is 
not accepted, a new sample must be analyzed. 

Suggestions for Work 

At best, many hours must be spent, in the work of a course in quanti- 
tative analysis. Many students, through inefficient planning of their 
work, require far more time than necessary and have difficulty in com- 
pleting the laboratory work. Adherence to a few simple rules may pre- 
vent much of this loss of time: 

1. Study the procedure* and notes before beginning an experiment. 
Know the reason for each operation. Such study should be done out- 
side of laboratory hours. The notes contain many hints and explana- 
tions; they are an integral part of the procedure. 

2. Prepare a written outline of the procedure, and work from this 
rather than from the book. 

3. Do not attempt short cuts. The procedures are based on proved 
methods. 

4. Obtain the necessary chemicals before starting an analysis. 

5. Utilize the waiting time occasioned by the cooling of crucibles, 
evaporations, ignitions, digestions, and the like, by working on other 
experiments. Lengthy delays caused by slow evaporations can often be 
eliminated by so planning that these can be carried out on the steam 
bath while other work is in progress. 

6. Keep all containers for each individual sample carefully marked, to 
avoid mixing or interchanging solutions at some stage of the analysis. 
A great deal of time can be lost by carelessness. Beakers and flasks may 
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be identified by gummed labels or by writing with a pencil on the etched 
circle provided for that purpose. Porcelain crucibles can be marked by 
writing on the unglazed bottoms with a dilute solution of an iron or 
cobalt salt and heating until the salt is well dried. Marking solutions for 
use on glazed surfaces are described in all the handbooks of chemistry . 2 
Crucibles can also be identified by notching the rim with a file. 

2 Every student specializing in chemistry should own and frequently use a hand- 
book. Several excellent books of this type are available. Among other useful tables 
they contain lists of inorganic and organic compounds and their physical properties, 
tables of specific gravity and composition, mathematical formulas, lists of spectral 
and X-ray lines, and photographic formulas. 
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The Analytical Balance and 
Its Use 


Accurate weighing of small samples is prerequisite to every analysis. 
Consequently the first assignment in this course is to learn how to weigh 
accurately and rapidly and to gain an appreciation of the principles in- 
volved in the use of a balance. 

Mass and Weight. Mass and weight, although often used inter- 
changeably, differ in meaning. The mass of an object is the amount of 
matter in the object, as referred to a standard mass of platinum-iridium 
alloy which is preserved at the International Bureau of Weights and 
Measures, near Paris. Many duplicates of this standard are in exist- 
ence. The unit of mass is the gram (g), which is xcRTTF ^ ie mass of 
the standard; the mass of the standard, 1000 g, is known as a kilogram 
(kg). It was originally intended that the kilogram be the mass of 1000 cc 
of water, at the temperature of greatest density, 3.98°C, but because of 
an error in measurement this objective was not realized; it is now known 
that the volume of a kilogram of water at 3.98°C is 1000.028 cc. Other 
weight units are the centigram (eg) or 0.01 g, and the milligram (mg), or 

0.001 g. 

The weight of an object is the force exerted on that object because of 
gravitational attraction between the body and the earth. The weight 
is expressed in force units (dynes). Since the force of gravity varies with 
geographical location and with the elevation above sea level, the weight 
of an object is a variable, whereas the mass is invariant. The term weight 
is, however, often used instead of the term mass ; the expression “weight 
of 1 g” is commonly used, and is correct if properly interpreted to mean 
“a mass whose weight is that of a 1-g mass.” This usage has developed 
because of the method followed in determining the mass of an object, 
which is commonly done by comparing the weight of the object with 
the weight of a known mass. 
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value. In using a balance so graduated, care must be taken to have the 
rider on the beam at all times. 

The entire working mechanism is enclosed within a glass case, in 
order to protect it from air currents while in operation and from dust. 
The front glass section of the case is suspended by a sash arrangement 
which permits it to be raised, thereby giving access to the pans for insert- 
ing objects or weights. The bottom of the case rests upon leveling 



screws. 

2. Chain Balances. The chain-type balance is like the rider bal- 
ance except that the rider is replaced by a metal chain one end of which 
is suspended from the right-hand side 
of the beam and the other end from a 
movable carrier so that the effective 
portion of the weight carried from the 
beam can be varied. One type of chain 
assembty is shown in Fig. 5. 

The advantages of the chain balance 
are that the chain can cover a larger 
range of weights than a rider and it. can 
be adjusted more rapidly. In older 
models the chain range vas 0-50 mg, 
but. in recent models it is customary to 
provide a chain to cover the range 
0-100 mg. 

The chain is moved by means of a 
knurled wheel at the right-hand side 
of the case. The position is read by a graduated scale and vernier, 
mounted inside the ease. One type of scale is shown in Fig. 5. 

Weighings can be made several times as rapidly on a modern chain 
balance as on a rider-type balance. Consequently, the rider balance is 
today almost obsolete in industrial laboratories. Unfortunately, how- 
ever, the chain balance is inherently less accurate than the rider bal- 
ance. A chain will usually show some deviation from the nominal value 
as the scale is traversed, as shown in Table 5. It is not surprising that 
such errors accompany the use of the chain weight, in view of the me- 
chanical features of the chain; rather it is surprising that chains can be 
made as accurate as they are. In most analytical work a variation of 
0.2 to 0.4 mg in weight can be tolerated, to gain the added speed of the 
chain. However, it should be kept in mind that errors of this magnitude 
may occur, and a rider balance should be used in the weighings thal 
demand high accuracy or else the chain should be calibrated. 


Fig. 5. Chain balance; .showing 
scale and vernier. 
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3. Notched-beam Balances. Many modern chain balances are 
equipped with a rider to give weights of 0,1 to 1.0 g in 0.1-g intervals. 
The rider is a dumbbell-shaped bar which rests in notches cut on the 
top side of the beam. Its use eliminates the changing of all fractional 
weights and speeds up the weighing operation correspondingly. 

4. Keyboard Balance. The accuracy of the rider and the speed of 

the chain balance are combined in the keyboard balance. Fractional 
weights down to 10 mg are added by depressing keys mounted on the 
front of the balance case. As a key is depressed, it permits a metal stir- 
rup of the designated weight to rest on a notched arm attached to the 
beam. Below 10 mg the weight is obtained from a rider of conventional 
type. • 

5. Damped Balance. Dampers of various types are used to sup- 
press the swings and to facilitate weighing. The damper is a device 
attached to the beam so as to offer an opposing force to motion of the 
beam. Usually it is a sheet of aluminum moving between poles of a 
magnet or a metal disk mounted as a loosely fitting piston in a cylinder. 
In either case the effect is to damp the swings of the beam about the 
rest position. Rather, when the beam is released, it moves over to the 
rest position and in a short time stops. The use of dampers is advan- 
tageous when highest precision is not sought, but in weighings to 0.1 mg 
it is usually faster to use an undamped balance with the single-swing 
method. 

6. Microbalance. Special balances sensitive to or 1 

microgram are known as microbalances. They are similar in construc- 
tion to the rider balances previously described but are more sensitive 
because of use of lighter parts and more precise workmanship. Scale 
readings are made by a magnifying glass mounted permanently in the 
case. Such balances are never used for loads greater than 10-25 g. 

SENSITIVITY OF BALANCE 

Balances vary in the effect produced by a small weight inequality on 
one side of the beam. They are rated in terms of this effect. In gen- 
eral, the term sensitivity is used to describe balance response, but the 
term is rather loosely used. In this text we shall define sensitivity as 
the change in rest point of the pointer produced by a weight of 1 mg. 
This requires definition of the method used to determine the rest point 
and is described in the following paragraphs. In another usage the 
sensitivity (sometimes called sensibility) denotes the smallest weight 
difference which can be detected with accuracy. This usage is generally 
more convenient for rating balances, since no reference is made to the 
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method for determining the rest point. Thus analytical balances are 
rated as having sensitivities of or 2 V m £> an d a microbalance may 
have a sensitivity of x 0 Vo ~ m S- 


THE OPERATIONS OF WEIGHING 1 

Weighing an object consists, as stated previously, in determining the 
mass of known weights necessary to counterpoise or balance the object. 
The condition of equality is recognized by the motion of the pointer; if 
the equilibrium position of the loaded balance coincides with that of the 
empty balance, the masses on the two sides are equal, provided that the 
two arms of the beam are of equal length. 

When the beam and pans are released, the beam starts to swing with 
a period, depending on the characteristics of the particular balance. 
The midpoint of this swing is the point at which the beam would be at 
rest; however, instead of waiting for the beam to come to rest, we cal- 
culate the equilibrium point from the amplitudes of successive swings of 
the pointer. This method is not only more rapid than waiting for the 
beam to come to rest but also more accurate because, if the beam were 
allowed to swing until it came to rest, the position of rest would be in- 
fluenced by vibration, friction, and other external forces. 

For the purpose of accurately observing the swings of the balance, 
the scale S is marked with equally spaced divisions. These are conven- 
iently read 2 by denoting the center mark as 10 and calling the left-hand 
mark 0. In reading the position of the pointer the nearest 0.1 division 
is estimated. 

Because of frictional and air resistance, the swings of a balance pointer 
are damped; that is, they are of constantly decreasing amplitude. Sup- 
pose, for example, that in a given case the equilibrium position is at 10.0 
on the scale. When the beam is put into motion, the following consecu- 
tive swings arc noted (trace these swings on the scale of Fig. 4; the damp- 

1 In modern analytical work the multiple-swing method of determining rest points 
is not usually used because of its slowness. But in the most exacting determinations 
this is the preferred method. Microbalances are always used with multiple swings. 
It is recommended that students first learn this method, regardless of what method 
is used later. 

2 Many chemists prefer to number the center of the scale zero and to call readings 
to the right and left respectively plus and minus. Thus a reading which according 
to the convention of this book is 8.0 would become in the other system —2.0 and a 
reading of 12.0 would become +2.0. The plus-and-minus system has an advantage 
in that the operator need observe only the number of divisions from the center mark. 
This system is preferred in weighing by the single-swing method since usually all 
rest points are to the left of the center mark. 
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ing is exaggerated, for purpose of illustration) : 
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( 6 . 0 ). 


( 8 . 0 ). 


.(15.0) 


.(13,0) 


| .( 11 - 0 ) 

Midpoint 


It is obvious, from a consideration of these swings, that the equilibrium 
position is not hallway between any two consecutive swings, such as 

15.0 and (1.0 or 0.0 and 13.0. The rest point is, however, halfway be- 
tween the midpoint of two swings to one side, sued) as 15.0 and 13.0, and 
a corresponding single swing to the other side, such as 0.0. That is. 


15.0 + 13.0 


+ 0.0 


Rest point = 


= 10.0 


or 


15.0 + 13.0 +11.0 ( 0.0 + 8.0 

-j- . _ 


Rost point = 


= 10.0 


From the foregoing, the following rule may be formulated: To find a 
rest point , observe an odd number of consecutive swings to one side and an 
even number to the other side. Take the average of the swings to each side. 
(Either three or five swings may be used.) Add the two averages and divide 
by two. 

In weighing, the following steps are necessary: 

1. Determine the rest point of the unloaded balance. 

2. Place an object on one pan, and determine the weight needed to 
make the rest point of the loaded balance coincide with that of the 
unloaded balance. 

Since weights must be determined to the nearest 0.0001 g or approxi- 
mately to the nearest 1 /300,000 oz, it would prove a tedious procedure to 
continue the addition of weights, by trial and error, until the two rest 
points are brought into exact coincidence. It is a much simpler pro- 
cedure to add weights until the rest point is near that of the unloaded 
balance, and, by then determining the effect of 1 mg on the rest-point 
position, to calculate by interpolation the exact weight that would be 
needed to bring the rest point to the true zero. This method is known 
as weighing by sensitivity ; the displacement of the rest point caused by 
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1 mg is known as the sensitivity of the balance. Step 2 consists of three 
parts: 

(a) Determine, by trial, the approximate weight of the object. 

(i b ) Determine the sensitivity of the balance. 

(c) Calculate the exact weight of the object. 

These steps will be followed in the directions for weighing. 
Procedure. Determination of Rest Point of Empty Balance 
(Zero Point). Identify the controls, and carefully operate each. De- 
termine, by the attached spirit level or plumb bob, whether the balance 
is level. Carefully lower the beam by turning the beam-control knob 
counterclockwise. Push the pan arrest control in, and start the balance 
swinging (note 1) by gently fanning an air current onto one pan (note 2). 
Close the balance case, and observe the swings, estimating each point to 
the nearest 0.1 division (note 3) ; record each swing immediately. When 
three or five consecutive swings have been recorded, release the pan 
arrest, raise the beam arrest, and calculate the zero point as follows: 

Scale readings 5.1 14.8 

14.6 


Average 5.1 14.7 

5.14 14.7 

Zero point, = 9-9 


Release the beam and pan arrests, and repeat the observations. The 
two rest points should agree within 0. 1-0.2 unit. Should the rest point 
not fall between 8 and 12, consult the instructor (note 4). 

Nolen. 1. The amplitude of the swing should he 3-5 divisions to each side of the 
center mark. Take care that the rider is not so placed that it can touch the swinging 
beam. 

2. Alternative methods of inducing swinging are: (a) One pan is lightly touched 
with a stiff hair, waxed to a match stick or to the handle of the brush that is kept in 
the set of weights, (b) With the pan arrests locked in the down position the beam is 
gently lowered onto its knife edge. Tin 3 advocates this method and presents data 
showing that student results are more reproducible with this method than when 
the beam is set in motion by fanning or touching one pan. 

3. Care must be taken to avoid parallax (see page 78) in observing the swings. 
The head should be held steady, in a position directly before the scale, for the entire 
set of readings. 

4. The position of the rest point may be adjusted by screws HH, on the ends of 
the beam. Such adjustment should be made only by the instructor. 

Procedure. Determination of Approximate Weight of Object. 

Be sure that the beam and pan arrests are raised. Carefully place the 


3 1. Lin, J. Chcrn. Education , 16, 340 (1939). 
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object on the center of the left-hand (note 1) pan. Place a weight 
(note 2) of the estimated amount on the right-hand pan, and partially 
lower the beam arrest. A large inequality in weight will be shown by 
a displacement of the pointer to one side. If no inequality is noted, 
momentarily release the pan arrests, and note the direction of swing. 
Raise the beam arrest, and add or subtract weights as indicated by the 
direction of the swing. Continue in this manner until it is necessary to 
employ fractional weights. Add fractional weights until the addition of 
a weight having the magnitude of the rider is sufficient to overbalance 
the object, then remove this weight, and use the rider to obtain a weight 
within 1 to 2 mg of the true weight. This point is recognized when the 
pointer no longer passes either end of the scale when swinging a distance 
of 5-6 scale divisions. 

Notes. 1. The object is always placed on the left-hand pan and should be placed 
near the center of the pan to prevent lateral motion. 

2. Place the larger weights near the center of the pan, and arrange smaller weights 
to both sides, so that the pan will hang in a level position. 

Procedure. Determination of Sensitivity. When the object is 
approximately balanced by weights, determine the rest point, as in the 
determination of the zero point. Move the rider to a position 1 mg 
heavier if the weights are too light (note 1), or to 1 mg lighter if the 
weights are too heavy, and determine the new rest point (note 2). The 
numerical difference in the two rest points is the sensitivity, expressed 
in scale divisions per milligram. 

Notes . 1. In determining the sensitivity it is desirable but not essential to choose 

two rest points such that, one lies on either side of the zero point. 

2. The rider may be moved any known amount and the sensitivity calculated by 
dividing the rest-point displacement by the weight difference. 

Calculation of Exact Weight. Select the weight at which the rest 
point is nearest the true zero, and, by subtraction, determine the num- 
ber of scale divisions by which the rest point for this weight deviates 
from the true zero. Convert the number of scale divisions into weight 
units by dividing by the sensitivity. To obtain the exact weight add 
this value to or subtract it from the approximate weight, depending on 
whether the approximate weight is less or greater than the exact weight. 

The use of the method of sensitivity may be illustrated by a numer- 
ical example: 


Weight on pan 17.360 g 

Weight on rider 0.003 g 

Rest point 11.0 

True zero 9 . 9 


17.360 

0.004 

8.5 
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Calculation: The weight 17.3(13 g is too light by 11.0-9.9 or 1.1 scale division. 
Since a weight of 1 mg (if the rider is changed from 3 to 4) causes a change in rest 
point of 2.5 divisions (from 11.0 to 8.5), a deviation of 1.1 scale divisions corresponds 
to a weight of 1. 1/2.5 or 0.4 mg (0.0004 g), and the true weight is obtained by adding 
17.363 + 0.0004 = 17.3634 g. Note that the computation is not carried beyond 
the fourth decimal place. Why? 

Completion of Weighing. Record (note) the weights and swings, as 
shown in Table 2. Release the pan arrest, and lock the beam. Remove 
the object and the weights, checking each weight against the notebook 
record as it is removed from the balance case. Remove the rider from 
the beam, by means of the rider carrier, and push the rider carrier into 
the balance case until the rider hangs above the center of the beam. 
Close the balance case. 

Note. After more experience is gained, the weights should not be individually 
recorded as shown in Table 2. The experienced analyst does not record either the 
individual weights or the balance swings, but only the final result. 

Weighing by Method of First Swing. In all but the most exact- 
ing work one can take as the rest point the first swing of the pointer, 
provided that the pan arrests are well adjusted and do not impart an 
erratic swing to the beam when they are released. The writers have 
used this method with several classes and find that it gives a large saving 
in the time required for a weighing. Another advantage is that swing- 
ing starts when the pans are released, without fanning, and that the 
balance case is kept closed. 

To use this method the beam-adjustment weights 117/ are so set that, 
when the pan arrests are gently released, the beam will swing to the 
left about 5 divisions. The end point of this first swing is taken as the 
zero point of the empty balance. The sensitivity is the change caused 
in the first-swing rest point by a weight of 1 mg. It should be at least 
3-4 full divisions since the reproducibility of the swing determination is 
usually about 0.3 division. 

It is essential that the pans hang vertically without swinging laterally, 
if a reproducible first swing is to be obtained. Before taking the swing 
the pan arrests should be manipulated to stop all lateral swinging of 
the pans. 

Procedure. ^Weighing with Notched-beam Chain Balance. 

Set the rider at zero. In this type balance the rider must at all times be 
on the beam since the notched positions for the rider start at the left- 
hand end of the beam rather than at the center. Adjust the chain posi- 
tion so that the first swing is about 5 divisions to the left. Adjust the 
vernier, by its auxiliary knob, to make the chain scale reading exactly 
0.00. The balance is now ready for operation. 
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TABLE 2 

Data for a Typical Wkigiitng 


Notebook Page 


Determination of true zero: 


Scale readings 

5.1 13.7 

5.3 13.5 

5.5 

Average 

5.3 13. G 

True* zero 

5.3 + 13.0 

2 - =a4 

Weighing: 


Weight on pan 

20 

10 

10 

2 

1 

0.500 

0.200 

0 050 

0 020 

0.010 

43.780 

Swings with rider at 3 mg 

Swings with rider at 4 mg 

7.0 13.5 

3.0 12.5 

7.8 13.3 

3.S 12.3 

13.1 

12.1 

Average 7.7 13.3 

3.7 12.3 

7.7 + 13 3 

Rest point = =10.5 

37 + 123 = 80 


Sensitivity = 2.5 units per nig 

Scale difference with weight 43.783 = 1.1 division = 1.1/2. 5 = 0.4 mg 
True weight. = 43.783 + 0.0004 = 43.7834 g 

To make a weighing proceed just as in the use of a rider balance until 
the weight inequality is within 1 g. Close the balance case, and make 
adjustments to the nearest 0.1 g with the rider. Finally, adjust the 
chain until the first swing point is within 5 divisions of the zero swing 
point as previously determined. Compute mentally the weight change 
needed to bring the first swing to the zero point. Move the chain the 
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computed amount, and again determine the swing. It should now agree 
with the zero point. If not, make the necessary small chain adjustment. 

Example: With weight, of 17.364 g the swing is —7.0. The zero point is —5.0. 
The previously determined sensitivity at this load is 6.0 divisions per milligram. 
Therefore the weight is too heavy by 2.0 divisions or 2.0/6.0 = 0.3 mg. Subtraction 
of this from the weight on the pans gives 17.3637 g as the exact weight. 


Care of the Balance 

Tho balance is a delicate precision instrument which will not func- 
tion properly if abused. Each student is individually responsible for 
knowledge of and adherence to the following rules on the use and care 
of the balance. 

1. Be sure that the beam is locked before changing a weight, when- 
ever the inequality of mass on the two pans exceeds l g. The pan arrest 
will usually support a load of 1 g or less. 

2. Always release the beam gently. Avoid a sudden jar which might 
damage the knife edge. 

3. Always close the balance case before observing swings. Air cur- 
rents must be avoided. 

4. Do not overload the balance. Most student-type balances arc 
designed for loads of 200 g on each pan. 

5. Never weigh any chemical or moist object directly on the balance 
pan. 

0. Never place a hot object on the balance pan. If an object is warm, 
its weight, will be too light because of convection currents set up by the 
rise of heated air. 

7. Handle the weights with forceps. Never use the fingers. Do not 
use the ivory-tipped weight forceps for any other purpose than to handle 
weights. 

8. Objects to be weighed should be handled with tongs or forceps 
whenever the shape of the object permits. Round objects, such as 
weighing bottles, may be handled by the fingers, but care must be taken 
to prevent weight changes because of moisture from the hand. Dry the 
hand just before lifting an object to the balance pan. Do not hold any 
object longer than necessary. 

9. Remove all objects, and close the balance case on completion of a 
weighing. 

10. Clean up any material spilled on the pan or within the balance 
case. 

11. Always support the rider on its carrier hook at the completion of 
a weighing. Suspend the rider directly above the center of the beam so 
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that it cannot interfere with free swinging of the beam. If a chain bal- 
ance is used, set the chain at zero. 

12. Do not monopolize the balance. Respect the rights of others. 

13. If the balance is out of order, report the fact immediately. 

LABORATORY EXERCISES 

The following should be completed and the notebook should be sub- 
mitted to the instructor for approval before new assignments are started. 

1. Practice obtaining a reproducible rest 
point by the method of multiple or single 
swings, as specified by the instructor. 

2. Determine the sensitivity of the balance 
for loads of 0, 10, 20, and 50 g. Place weights 
of proper denomination on the pans so that 
they are approximately balanced. Determine 
by the proper method the rest point. Add 1 mg 
by the rider or chain, and again determine the 
rest point. Construct a graph in the notebook 
showing sensitivity on the y - axis as a function 
of load on the a-axis. This graph will be useful 
in making mental computations of the adjust- 
ment needed at any weight to bring the rest 
point into coincidence with the zero point. 

3. If you are using a rider balance, test the 
rider. Place the rider on the 5- or 10-mg divi- 
sion and a corresponding weight on the left- 

hand pan, and then see whether the rest point coincides with the zero 
point. If the rider is grossly in error, not ify the instructor. A difference 
of 0.1 to 0.2 mg in the weight of the rider and the comparison weight 
can be neglected. 

4. Weigh separately a crucible and cover, and then reweigh the two 
together. The results should agree within about 0.0003 g. Record in 
notebook. 

5. Equip a weighing bottle with a spoon, as shown in Fig. 0 (see 
page 34 for directions for making the spoon). Place about 1 g of some 
dry chemical, such as sodium chloride (the chemical will be provided on 
the side shelf), in the bottle, and weigh accurately. Also weigh accu- 
rately a small empty beaker. Transfer a spoonful of the salt from the 
weighing bottle to the beaker, taking care to avoid loss. Reweigh the 
bottle, and compute the exact weight of the sample withdrawn. Now 



Fig. 0. Weighing 
bottle with spoon. 
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reweigh the beaker, and compute the weight of sample in it. The 
results of the two weights of sample should agree within 0.0003 g or 
better. Record in the notebook. 

ERRORS IN WEIGHING 

The most common weighing errors outside of personal errors in mis- 
reading turning points of the pointer or miscounting the weights are due 
to inaccuracies in the values of the weights; these may be eliminated by 
calibration, as described in a later section. Other errors are: 

1. The two arms of the beam may not be of the same length. 

2. Moisture may condense on an object and change its weight. 

3. If the temperature of the object is not that of the surroundings, the 
weight will be affected. 

4. Electrification of glass vessels will cause induced charges in adja- 
cent metal parts, and the balance will be caused to swing in an erratic 
manner. 

5. The balance may not give reproducible swings. 

G. Buoyancy due to air may affect the apparent weight. 

The effects of these errors and methods for their avoidance are dis- 
cussed in the following paragraphs. 

Inequality of Balance Arms. Most analytical balances are so 
accurately made that error due to inequality of arms does not exceed 
one part in several thousand, and this error will not affect ordinary 
analytical results. Further, since most analyses involve a ratio of 
weights, a small inequality of the balance arms will not affect the re- 
sults at all; all weighings made on a particular balance will be in error 
by a constant factor. 

Any error due to balance-arm inequality may be eliminated by (1) 
weighing by substitution or (2) double weighing. 

Weighing by substitution. Place the object on the left pan, and coun- 
terpoise it by a suitable tare on the other pan. Copper shot placed in a 
beaker or crude weights may be used as a tare. Observe the rest point 
after the tare is added. Remove the object, and add weights to the left- 
hand pan until the rest point coincides with the one originally obtained. 
Since the object and weights have been placed on the same pan of the 
balance, their masses have been directly compared without any assump- 
tions being made regarding the lengths of the lever arms. 

Double weighing . Weigh the object as usual, then interchange the 
weights and object, and reweigh. The arithmetic mean in the two 
weights is very near to the true weight. 
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Let tFi = weight when object of mass M is on the left pan 
W 2 = weight when object is on the right pan 
L\ = length of the right-hand arm of balance 
L 2 = length of the left-hand arm of balance 
MLo = W 1 L 1 and M L\ — H r 2 L 2 (from first and second weighings) 

Multiplying the equations by one another and solving for M gives 

Wj + W 2 

M 2 = IFi If ’2 or, approximately, M = 

2 

Moisture. Condensation of water vapor on dry samples or precipi- 
tates may cause a weight gain of as much as several milligrams if the 
sample is exposed to air. Consequently, it is standard practice to weigh 
all samples in a stoppered bottle. Usually ignited precipitates an* 
weighed in a covered crucible; if the weighing is made rapidly, moisture 
pickup will not cause appreciable error. In the most exact, work it is 
advisable to weigh crucibles with ignited precipitates inside stoppered 
bottles, similar to the weighing bottles used for sample's. This is not 
required in student work. 

Glass containers may adsorb appreciable amounts of water vapor if 
the surface area is large. Whenever it is necessary to use containers, 
such as U-tuhes or adsorption vessels, the* weighings should be made 
with a counterpoise. This is a glass vessel similar to the one which con- 
tains the sample but lighter in weight. The counterpoise is placed on 
the right-hand pan for all weighings. If the amount of moisture ad- 
sorbed by the counterpoise is about the same as that, of the sample con- 
tainer, the error due to adsorption of water is made negligibly small. 
To insure that counterpoise and sample vessel have the same moisture 
content and to avoid electrification of the* glass, both are wiped with a 
damp cloth and placed within the balance case 10-15 minutes before 
the weighing is done. An adsorption tube weighed on successive days 
without a counterpoise showed changes of several milligrams, but, when 
a counterpoise was used, the variations were reduced to a few tenths of 
a milligram. 

Temperature. It is absolutely essential that the object to be 
weighed be at room temperature. Frequently a student is tempted to 
weigh an ignited crucible while it is still warm, to save time of waiting. 
Invariably such weighings are too light, because convection currents set 
up in the balance case tend to push up on the left-hand pan and retard 
the swings of the balance. 

Electrification. When glass vessels are wiped with a dry cloth, 
they acquire a charge of static electricity. This may cause the swings 
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of a balance to behave in a very erratic manner, since, as the beam 
moves, the charge on the object induces charges in other parts of the 
balance. Some time may be required to dissipate a static charge on a 
glass surface. When large glass vessels are to be weighed, they should 
first be wiped with a damp cloth, which will aid in dissipating charges, 
and then allowed to stand until most of the surface moisture is evap- 
orated and equilibrium is attained with atmospheric humidity. Nor- 
mally no special precautions are taken for weighing bottles which are 
of small area except that they are not rubbed or wiped prior to weighing. 

Defective Balances. Occasionally it is found that a student bal- 
ance will no longer give reproducible readings. The only solution for 
this is a thorough overhauling by a skilled repair man. A variety of 
defects may affect the accuracy and sensitivity of balances. Most com- 
mon is a shifting of the knife edges so that they do not rest in identically 
the same positions each time the beam is lowered. 

The student should know the following simple tests to apply to 
balances prior to use: 

1. Determine the reproducibility of the zero point. A number of 
consecutive determinations should be made of the zero point, with the 
beam raised and lowered before each observation. If the knife edges 
are loose, this will show up, because they will not return to the same 
position each time the 1 beam is lowered, and consequently the effective 
lengths of the beam arms will not remain constant. 

2. Determine the sensitivity at no load and at 50 g load. 

In these tests the zero point should be reproducible to 0.2 division for 
multiple 1 swings and to 0.5 division for single swings. The sensitivity 
should be at least 2 divisions per milligram if the multiple-swing method 
is used and -1-5 divisions per milligram for single swings. The sensitivity 
at 50 g should not be decreased by more than 20 per cent from the sen- 
sitivity at no load. When these conditions are met, the balance should 
give readings which are reproducible to 0.1 or 0.2 mg. 

Occasionally it is found that a balance suddenly tends to show a creep- 
ing rest point. Usually this is due to uneven warming and expansion of 
the beam, by exposure to sunlight. It is essential to protect the beam 
from sunlight at all times. A north exposure room is preferred for a 
balance room. Radiators should not be located too near the balances. 

Buoyancy. When an object is weighed in air, the apparent weight 
is affected by the amount of air displaced. Although this effect is not 
of appreciable magnitude in most student work, it should be thoroughly 
understood, and a buoyancy correction should be applied in the rare 
cases where needed. 
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According to the Archimedes principle, a body surrounded by a fluid 
is buoyed up by an amount equal to the weight of fluid displaced. A 
pound of brass will displace about 2 oz of water when immersed. Con- 
sequently, if a pound of brass is weighed under water, the apparent 
weight will be only 14 oz. 

Air is a fluid of low density. Under average conditions of tempera- 
ture, pressure, and humidity a liter of air weighs about 1.2 g. There- 
fore an object whose volume is 1 1. will be buoyed up by air to the extent 
of 1.2 g, or the apparent- weight of such an object is too light by 1.2 g. 

In a weighing both the object and the weights are displacing air, and 
there is a buoyant effect on both sides of the beam. The effect of this 



Fig. 7. KfTect of buoyancy in weighing. 

on the weighing depends on the relative volumes of the object and the 
weights. We may consider the three cases illustrated in Fig. 7. In A 
the object has a smaller density than the weights, and consequently it 
occupies a larger volume. If the object and weights are exactly bal- 
anced in air and the air is then pumped out of the balance case, the 
object will then appear to be heavier, for the left-hand pan will sink as 
the buoyant effect of the air is removed. To restore the condition of 
balance, weights must be added to the right-hand pan. Thus the true 
weight (weight in vacuo) is greater than the apparent weight (weight in 
air). In B the object and weights are of equal density and occupy the 
same volume. Removing the air does not affect the equilibrium, or the 
weight in vacuo is the same as the weight in air. In C the density of 
the object is greater than that of the weights. The weight in vacuo is 
less than the weight in air. 

The relations discussed in the preceding paragraph may be put in the 
form of an equation: 

W v — W a + buoyancy on object — buoyancy on weights 


W a W a 

W v = W a H X density of air X density of air 

Dy) 


or 
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where W a = weight in air (the apparent weight) 

W v = weight in vacuo (the true weight) 

D 0 = density of object 

D w = density of weights, or approximately 8 

Since the density of air at average temperature, pressure, and humid- 
ity is about 0.0012 g per milliliter, we have 

W W 

W v = W a 4 X 0.0012 X 0.0012 

D 0 8 

Simplifying, we have 

^.jr.[i + (l-i)o.°o. 2] 

This equation 4 may be used to compute the weight in vacuo from the 
weight in air or the reverse, depending on what data are given. 

To illustrate the use of the buoyancy correction we may consider a 
practical application. It is found that a 1 00 -ml pipet delivers a volume 
of water which weighs 99. GO g in air. The weight in vacuo must be 
computed, since the density of water is given in tables on the basis of 
weights in vacuo. Substitution of the weight in air into the preceding 
equation gives a value of 99.71 g for the weight in vacuo. Handbook 
tables give a density of 0.9959 for water at the temperature of the ex- 
periment , 21 °C. Division of the weight of water by its density gives a 
volume of 99.71/0.9959 = 100.12 ml. 

It is not usually necessary to apply a buoyancy correction for the 
weighings performed in an analysis. Ordinarily the sample or precipi- 
tate weighs in the neighborhood of 0.2 to 0.5 g, and the density is of 
the order of 2 to 4. Therefore the volume of air displaced by the solid 
is not over 0.1 -0.2 ml, and its weight is not over 0. 1-0.2 mg, which can 
be neglected. Further, every analysis involves the ratio in two weights. 
If each of these weights is in error by about the same amount, the 
effect of buoyancy is canceled. The buoyancy correction is applied 
only when large volumes are weighed, as in calibration of glass appara- 
tus by measuring the volume of water delivered or contained. 

WEIGHING OF SAMPLES AND PRECIPITATES 

Weighing Bottles. Samples for analysis are almost universally 
weighed in weighing bottles, except when an exact sample is to be taken 
as described below. Weighing bottles are small glass bottles having flat 

4 It is obvious that the equation is not strictly rigorous since we have computed 
the volume by the ratio W a /I>o rather than the ratio W r /D 0 . The difference be- 
tween the two volumes so computed is so small that the approximation introduces 
no error in the buoyancy correction. 
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ends with straight sides, and ground-glass stoppers. In the past the 
stopper Avas ground to fit the inside wall of the bottle. This construction 
has the disadvantage that particles of powdered sample may become, 
attached to the stopper and be lost when the stopper is removed. Re- 
cently there have been marketed weighing bottles whose stoppers fit on 
the outside wall of the bottle, as illustrated in Fig. (>. 

Samples for analysis are placed in weighing bottles after they have 
been properly prepared, by grinding, drying, and so on, and kept in a 
desiccator until needed. In weighing a sample, i he bottle, with contained 
material, is first weighed. Approximately the desired amount of mate- 
rial is removed and quantitatively transferred to a suitable container. 
The bottle with the remaining material is then reweighed. If no mate- 
rial has been lost, the weight of sample taken is the difference in the two 
weights. This procedure has the advantage that the material is not ex- 
posed to the air while the weighings are made, thereby eliminating the 
possibility of absorbing moisture or carbon dioxide* from the* air. 

In weighing by difference it is not necessary to determine the zero 
point of the empty balance; the second weighing is made* to the same 
rest point as the first. It is obvious that this procedure can introduce no 
error, provided the zero point remains the same in tin* two weighings. 
Any error introduced into the single weighing is canceled in taking the 
difference. 

Portions of sample may bo removed from the bottle by pouring, but 
much time is saved by construct ion of a spoon that will remove portions 
of 0.10-0.15 g. This spoon is kept in the bottle for all weighings. It is 
conveniently constructed from a l-by-3-ern sheet, of aluminum or nickel. 
The bowl is formed bv placing the sheet on a block of soft wood, holding 
a small steel ball at the proper place, and striking the ball a sharp blow 
with a hammer. After the bowl is formed, the sheet is trimmed and the 
handle bent to the proper angle, as shown in Fig. (>. 

Exact Samples. It often happens that the* accuracy of an analysis 
does not justify weighing samples wit h an accuracy greater than 0.0005 g. 
If many samples are to be weighed with this accuracy, time is saved by 
weighing out samples of a given weight, such as 0.5000 or 1 .000 g. A con- 
tainer, usually built in the form of a grocer’s scoop, is placed on the bal- 
ance pan and accurately weighed. Additional weights totaling the de- 
sired amount of sample are then added to the right-hand pan, and sam- 
ple is added to the left-hand pan until the two are in balance*,. The sam- 
ple is slowly poured onto the scoop until a slight excess is added, and 
then the proper amount is withdrawn, by means of a small spatula. 
Further additions, if necessary, are made from the spatula. A pair of 
exactly balanced (tared) watch glasses is sometimes used. A damped 
balance is useful in this operation. 
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Liquid Samples. A clean dry weighing bottle is accurately weighed, 
then approximately the desired amount of liquid is introduced, from a 
graduat ed pipet, and the bottle is stoppered and reweighed. The sample 
is then transferred to the desired container according to the directions 
given on page 80. If a liquid sample is large, it may be necessary to 
make a correction for the buoyancy of the air, as explained previously. 

Precipitates. The final precipitates obtained in gravimetric anal- 
yst's are weight'd after drying or ignition. Frequently these precipitates 
will readily take up carbon dioxide or water vapor from the air. The 
crucibles containing the precipitates should be weighed with the cover 
on. In extreme cases, where the absorption from air is very rapid, 
the weighing must be very quickly done as follows: After the first heat- 
ing, an approximate weight is determined. After subsequent heatings, 
the approximate weight is placed on the balance pan before the crucible 
is removed from the desiccator. After the crucible is in the balance case, 
it is only necessary to observe the rest point, and from this and the pre- 
determined sensitivity of the balance the exact weight is calculated. 
Although all weighings in crucibles are made by difference, a considerable 
lime interval may elapse between the weighing of the empty crucible 
and the weighing of the sample; it is therefore necessary to determine 
the zero point of the balance before each weighing. 

THEORY OF BALANCE SENSITIVITY 

The factors in the construction of a balance which influence its sensi- 
tivity can readily be understood by the application of the principles of 
simple levers. When a lever is in 
a position of equilibrium, the force 
moments which tend t o cause dock- 
wise rotation must equal those which 
tend to produce rotation in a 
counterclockwise direction. It- may 
be recalled from elementary physics 
that “force moment” is defined as 
the product of the force (mass X 
acceleration of gravity g) and the 
lever arm (the perpendicular dis- 
tance from the fulcrum to the ver- 
tical line passing through the point 
of application of the force). Fig. 8. Sensitivity of balance. 

In Fi g. 8 the dotted lines repre- 
sent the equilibrium position of the unloaded balance. The solid lines 
indicate the condition of equilibrium attained after a small weight m 
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has been added to the right-hand pan. In this position the force pro- 
ducing clockwise rotation is caused by the attraction of gravity for the 
mass m. The counterclockwise rotation is produced by the gravita- 
tional attraction for the mass of the beam il/, which acts through its 
center of gravity Z), located d cm below the knife edge. 

Application of the force moment principle gives 

MgDE = mgOA 


By simple trigonometry, 

JTE = O f) sin Z DOE 
OA = OB cos ZAOB 


Since their respective sides are mutually perpendicular to each other, 
the angles DOE and A OB are equal and are designated as a in the follow- 
ing. Further, it can be seen from the figure that Ol) is the distance d 
and OB is the length L of the balance arm. The use of these substitu- 
tions reduces the first equation to 


or 


Mgd sin a = mgL cos a 


sin a 

- = tan a — 

cos a 


mL 

Aid 


For small angles the tangent, is directly proportional to the angle itself. 
Thus, the final relationship between the displacement, or sensitivity ot 
the balance and the weight causing the displacement, is 

mL 

a = 

Aid 


The displacement caused by unit weight has previously been designated 
as the sensitivity. From the foregoing equation it may be seen that the 
sensitivity increases with length of the beam but decreases with increase 
in the mass of the beam-pan system and with increase in the distance 
from the fulcrum to the center of gravity. This distance may be varied 
somewhat at will, for there is on the pointer a bob whose position is 
adjustable. If the bob, shown as X in Fig. 4, is raised, the sensitivity is 
increased, but the period of the balance is correspondingly increased. 
Increase in length of the beam also increases the period. 

In the previous discussion it is assumed that the beam is rigid and 
that the knife edges are in a plane. As the load is increased, the sensi- 
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tivity may decrease very rapidly because of a bending of the beam, 
which brings the pan knife edges below the plane of the beam knife edge. 
High-quality balances show less variation of sensitivity with load than 
cheaper ones, because of better construction which minimizes the 
amount of distortion of the beam. Some balances even show increased 
sensitivity with load. This is achieved by constructing the balance so 
that the pan knife edges are slightly above the plane of the beam knife 
edge. As load is applied, the distortion of the beam brings the three 
knife edges into the same plane. 


WEIGHTS 

Analytical Weights. Weights are provided 5 in sets usually con- 
taining the units 50, 20, 10, 10', 5, 2, 2', 1 and the fractional 0.5, 0.2, 0.1, 
0. 1 ', 0.05, 0.02, 0.01 , 0.01 ', 0.005, 0.002, 0.002', 0.001 g. When duplicate 
values of the same denomination are provided one of them should be 
marked by a punched dot. The larger weights are usually of brass and 
are protected from corrosion by a lacquer coat or by gold, chromium, or 
platinum plating. The fractional weights are of platinum or aluminum. 
The rider is commonly made of aluminum. 

The National Bureau of Standards 6 has formulated a classification of 
and lists of tolerances for each type of scientific weight. The classes are 
designated as M, S, and S-2. (iass M weights are for use as primary 
laboratory reference standards, against which other weights may be 
cheeked. They are of one-piece construction. Class S weights are for 
use in most of the accurate weighings of scientific laboratories. They 
may be of two-piece construction, with a screw knob, so that exact 
adjustment of mass may be made by placing small pieces of metal within 
the cavity beneat h the knob. Aluminum may be used for the fractionate 
below 50 mg. ('lass S-2 weights are for common routine laboratory use 
and are adequate for student requirements. All the fractionate may be 
of aluminum. The allowable tolerances are five times those permitted 
for class S weights. The allowable tolerances for all three classes are 
shown in Table 3. 

Riders. Each balance is designed for a rider of a particular weight 
and cannot be used with riders of other denominations. The mass of 

6 Weight, sots are now available with the denominations 50, 30, 20, 10, 5, 3, 2, 1 g, 
and corresponding fractional. They have the advantage that there are no duplicate 
weights in the set. 

6 See Bur. Standards Circ. 3, “The Design and Tests of Standards and Mass,” 3d 
ed., 1916. 
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TABLE 3 

Bukeatt of Standards Tolerances for Analytical Weights 


Denomination 

M 

s 

8-2 

100 g 

0.5 mg 

0 . 5 mg 

2.5 n 

50 

0.3 

0.3 

1.5 

20 

0.2 

0.2 

1.0 

10 

0.15 

0.15 

0.75 

5 

0.15 

0.15 

0.75 

2 

0.10 

0.10 

0.50 

1 

0.10 

0.10 

0.50 

500 mg 

0.05 

0 05 

0.25 

200 

0.05 

0.05 

0.25 

100 

0.05 

0.05 

0.25 

50 

0.03 

0.03 

0.15 

20 

0.03 

0.03 

0.15 

10 

0.02 

0.02 

0. 10 

5 

0.02 

0.02 

0.10 

2 

0.01 

0.01 

0.05 

1 

0.01 

0.01 

0.05 


the rider is the mass indicated by the graduation mark directly above 
the pan knife edge. The most common sizes are 5 and 10 mg, although 
both 6- and 12-mg riders are frequently used. Since riders of these sizes 
are so similar in appearance, it is necessary to test the mass of a rider, as 
described on page 28, before it is installed. In the calibration of weights 
the rider is not calibrated, since the correction to be used would vary 
with the position on the beam. It is tested against a calibrated weight. 
If it is too light, it must be discarded. Heavy riders can be adjusted to 
the proper weight by successively filing off small portions until the true 
mass is reached. 


Calibration of Weights 

Since the weight of an object is determined from the sum of the 
masses of small weights which just balance the object, it is essential in 
exact work that the masses of the individual weights be accurately 
known. Therefore every chemist should calibrate his weights before 
using them and should recheck his calibration at least once a year to 
detect any changes in mass which may occur because of corrosion. In 
general, calibration is not required of students in the first semester’s work 
because it is very time-consuming for an inexperienced worker. Before 
the advanced work of the second semester is begun, the weights should 
be calibrated, and the weight corrections should be used at all times. 
After one semester of experience a student should be able to calibrate 
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his weights in a single laboratory period, if the single-swing method of 
weighing is used. 

Weights may be calibrated on either a relative or an absolute basis. 
In relative calibration some one of the weights is selected as standard, 
and corrections are determined to make the masses of all other weights 
agree with that of the selected standard. That is, the correction for the 
5-g weight is the value to make its mass exactly half that of the 10-g 
weight. In absolute calibration a weight of known mass is provided as 
the standard, and correction values are determined to make all weights 
agree with the standard one. Absolute calibration is not necessary in 
most work; it is sufficient to have the various weights of a set agree with 
one another even though the absolute values may all be in error. The 
reason for this is that all analyses involve the ratio in the weight of the 
initial sample and some product from that sample. If all weighings are 
in error by the same fraction, the effect of the error is canceled in taking 
the ratio. 

Method for Calibration. A modification of the T. W. Richards 7 
method is used for the relative calibration. To eliminate the effect of 
inequality of balance arms the method of substitution is employed. 
Weights from another set, which need not be calibrated, are used as 
tares. All the fractional w eights, when taken together, should constitute 
a gram. Since the 1- and 2-mg weights are never used, it is convenient 
to add an extra 10-mg weight from another set to supplement the other 
small weights. The borrowed 10-mg weight is used as a preliminary 
standard. It is denoted in the tabulation as 0.01. The comparison be- 
gins with this weight and proceeds upwards. 8 

Procedure. Place the 0.01 weight on the left pan; counterpoise with 
the rider, chain, or a suitable weight; and observe the rest point. This 
does not need to agree with the zero point. Replace the 0.01 Aveight 
with a 10-mg weight from the set, and determine the new rest point. 
Record the data as in Table 4. From the sensitivity and the difference in 
the two rest points, compute the difference in weights between 0.01 and 
the 10-mg w eight. In the data of Table 4, 0.01 is 0.6 mg heavier than 
0.01. Its relative value is then 0.0106 g, if a value of 0.0100 g is assumed 
for the preliminary standard. In the same manner obtain a relative 
value for 0.01'. 

Place 0.01 and 0.01' on the left pan, and counterpoise by a suitable 
weight on the right (the chain may be used). Obtain the rest point. 

7 T. W. Richards, J. Am. Chcm. Soc., 22, 144 (1900). 

8 If the balance has a*f>- or 6-mg rider the borrowed weight is 5 mg; it is then used 
as the preliminary standard. 
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Replace 0.01 and 0.01' by 0.02, and obtain the new rest point (see com- 
parison 3 of Table 4). In the data of Table 4, 0.02 is 0.6 mg lighter than 
0.01 + 0.01', whose combined relative values are 0.0211 g. Therefore 
the relative value for 0.02 is 0.0205 g. 

Proceed in this manner with all the comparisons indicated in Table 4 
(data fcr comparisons 5-13 an 4 omitted from the table). In comparison 
15 a Bureau of Standards calibrated weight is introduced to give the 
basis for an absolute calibration. This step is omitted if the calibrated 
weight is not available. 

The relative values of column B in Table 4 are the values of all 
weights in terms of the preliminary standard, the borrowed 0.01 weight. 
It may be noted that these values differ widely from the nominal values 
for the various weights. The reason is that any error in the value of the 
preliminary standard is greatly magnified in the comparisons; for exam- 
ple, the 10-g weight is 1000 times the mass of a 0.0 1-g weight. It is 
better therefore to take one of the larger weights as the final standard. 
In Table 4 the Bureau of Standards 10-g weight is taken as the refer- 
ence. 9 If a certified weight is not used, one of the 10-g weights of the 
set is taken as the reference. In Table 4 the preliminary value for the 
reference weight is 10.1844 g. Aliquot values art 1 computed from this 
for all the other weights of the set, based on ratios of their nominal 
values. For example, the aliquot value for the 1-g weight is one tenth 
of 10.1844 g, or 1.0184 g; the aliquot value of the 20-g weight is twice 
10.1844 g, or 20.3688 g. 

After the ideal values are computed, the correction value for each 
weight is determined from the relation: 

Correction = relative value — aliquot value 

For the 20-g weight the correction is 20.3G70 — 20.3688, or —0.0018 g 
( — 1.8 mg). When computed in this manner, the correction has the 
proper sign, and in the use of the weights it is to be added algebraically 
to their nominal values. That is, the nominal value plus the correction 
gives the true value. The 20-g weight has a nominal value of t wice that 
of the 10-g weight. Adding —1.8 mg gives its true value of 19.9982 with 
reference to the 10-g weight as standard. The correction is negative 
because the weight does not weigh so much as its nominal value. 

After the corrections are computed, prepare a card showing the cor- 
rections in milligrams for each weight of the set. Keep this card with 

9 If there is a correction to the face value of the reference weight, it may be taken 
into account by the method of Blade. See Ind. Eng. Chem ., Anal. Ed ., 11 , 499 (1939). 
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Rest points were determined by the single-swing method — the + and — signs refer to scale positions measured from the center mark. 
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the weights, for ready use. 10 If any weight has an abnormally large 
correction, report it to the instructor. If possible such weights should 
be replaced. 

Calibration of Chain. Determine the zero point of the balance. 
Compare the chain with calibrated weights, at 10-mg intervals from 
10 mg to the full value of the chain, by placing the weight on the left- 
hand pan and setting the chain to bring the rest point into coincidence 
with the zero point. The correction for each weight is given by the 
relation: 


Chain correction = correct weight — scale reading 

For each setting of the chain the correction is added to the scale read- 
ing to give the true weight. 

Typical data for a chain calibration are given in Table 5. These data 
were obtained v ith a new balance, using weights which had been cali- 
brated with reference to a Bureau of Standards 10-g weight. They 

10 Instead of adding up the corrections for all the individual pieces used in each 
weighing, it is convenient to prepare a table such as the following from which the 
total corrections for the fractional ami the unit weights can be read directly. To 
employ such a tables it is necessary to use the fewest possible number of weights and 
always to use an unprimed weight instead of a primed one. Three lines of the table 
have been filled in in terms of the weights described in Table 4. The following 
additional corrections have been assumed: 100 mg, 0.1 mg; 1 g, —0.1 mg; 2 g, 1.4 mg; 
2' g, -1.1 mg; 5 g, —1.2 ing. 

Table of Weight Corrections in Milligrams 
Amounts to be Added Algebraically to Face Y'alues of Weights on Pan 
Fractional Weights 


Milligrams 

0 10 

20 

30 

40 

50 

60 

70 

80 

90 

0 

0.4 

0.1 

0.5 

0.8 

0.0 

0.4 

0.1 

0.5 

0.8 

100 

200 

0.1 0.5 

0.2 

0.6 

0.9 

0.1 

0.5 

0.2 

0.6 

0.9 


900 


Grams 

0 

10 

0 

1 2 
-0.1 1.4 

Unit Weights 

3 4 5 

1.3 0.3 -1.2 

6 

-1.3 

7 

0.2 

8 

0.1 

9 

-0.9 

• 
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show the need for calibration of chains if precise weighings are to be 
made. 

Construct a grapli showing the correction value of the chain at the 
experimental points, and connect the points by straight lines. Correc- 
tion values for any chain reading can then be determined by reference 
to this graph. 

TABLE 5 



Calibration 

of Chain 



Weights on 

Correction 

True 

Scale 

Correction 

Left Pan 

for Weights 

Weight 

Reading 

for Chain 

10 mg 

+0.1 

10.1 

1C 0 

+0.1 

20 

-0.2 

19.8 

19.7 

+0.1 

20 + 10 

-0.1 

29.9 

29 7 

+0.2 

20 + 10 + 10 

-0.1 

39.9 

39.7 

+0.2 

50 

0.0 

50.0 

49.8 

+0.2 

50 + 10 

+0.1 

GO. 1 

59.8 

+0.3 

50 + 20 

-0.2 

69.8 

69. 6 

+0.2 

50 + 20 + 10 

-0.1 

79.9 

79.6 

+0.3 

50 + 20 + 10 + 10 

-0.1 

89.9 

89.6 

+0.3 

100 

0.0 

100.0 

99.6 

+0.4 


Calibration of Notch-beam Rider. Determine the zero point of 
the balance. Place a calibrated 0.1 -g weight on the left-hand pan, and 
sot the rider at the 0.1-g mark. Determine the rest point. From the 
deviation between zero and rest points and the sensitivity of the bal- 
ance, compute the weight difference between rider and weight. From 
the corrected value of the weight and the weight difference, compute 
the effective weight of the rider. The correction is given by the relation, 

Rider correction = true weight — nominal value 

Determine in similar manner the corrections for other settings of the 
rider. The correction values arc to be added to nominal values of the 
rider at the various settings to give the true weight. It is generally 
found that the correction values do not exceed 0.1 mg at any setting 
and that they can be neglected in anv but the most exact work. 


QUESTIONS 

1. Explain the functions of each of the following parts of the balance illustrated 
in Fig. 4: (a) K, (b) BC , (r) PC, (d) F, (e) RC . 

2. Why are computations of rest points from swing data not carried beyond the 
nearest T - (T division? 

3. How much should a rider weigh to be used on each of the following balances: 
(a) The zero mark is over the central knife edge, and the 6 mark is over the 

knife edge which supports the pan. 
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( b ) The zero mark is over the central knife edge, and the beam is graduated to 
12, but the 10 mark is over the knife edge which supports the pan. 

(c) The zero mark ; s over the knife edge which supports the left pan, and the 

10 mark is over the knife edge for the right pan. 

4. In which of the following cases is it satisfactory to assume that 10 is the zero 
point of the balance rather than to determine the rest point from swing data: 

(a) An object is to be* weighed to the closest 2 mg. 

( b ) A series of samples is to be weight'd to the closest 0.1 mg by successive 
removals from a weighing bottle. 

(r) The w T eight of a precipitate is to be determined to the closest 0.1 mg by the 
difference in weights of an empty crucible and filled with the precipitate; at least 
G hours elapse between the weighings. 

(d) The weight of a piece of metal for a density determination is to be found 
to tin*, closest 0. 1 mg. 

5. What is the sensitivity of a balance? What is the advantage* of weighing by 
sensitivity rather than by adjustment of the rider until a point of balance is obtained? 

6. Describe* a procedure for determining the sensitivity curve of a balance. What 
should be the general shape of this curve? 

7. If the method of swings is used, why is it desirable that the sensitivity of the 
balance be at least 2 divisions per milligram? 

8. If the method of first deflection is used, why is it desirable that the sensitivity 
of the balance be around G divisions per milligram? 

9. What effect does raising the bob on a balance pointer have on the sensitivity? 
on the period? 

10. How does the mass of the balance system affect the sensitivity of the balance? 
How is this reflected in the construction of the* balance? 

11 What is the effect on the sensitivity of a balance of: 

(a) Lowering the bob on the pointer. 

(b) Increasing the total load. 

(c) Changing the adjustment of one of the* screws on the end of the beam. 

12. What maximum load should be placed on each pan of tin* analytical balance? 
What harm will be caused if the balance* is greatly overloaded? 

13. What injury might be done to a balance if an object is placed on the pan 
while the beam is unlocked? 

14. Why is it permitted to leave the beam arrest lowered while changing fractional 
weights? 

15. Describe* the method of weighing by substitution. Whe*n should this method 
he used? What other method eif weighing can also be* use*d in such circumstance's? 

16. Criticize and eewTeet. the statement, “The weight in vacuo of an object is 
always greater than the* weight in air.” 

17. If the density of a medal referred to conditions in vacue) is the same as in air, 
wdiat can be* concluded about the density of the* medal and the* density of the weights 
used in the e*xpe*rime*nt? 

18. What efforts will be noticed in weighing a glass vessel if the surface is electri- 
fied? How may th(*se* effects be avejieled? 

19. Explain the following sw ing readings obtained when a sample of an anhydrous 
material was weighed em a watch glass. 

8.0 13.4 

8.3 13.6 

13.6 
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20. A large bulb used to weigh gases had a weight of 35.5063 g at one time and 
10 hours later weighed 35.5092. Offer a possible explanation, and suggest a method 
of avoiding the discrepancy. 

21. Why is it necessary to apply the buoyancy correction in the calibration of 
volumetric apparatus, for volumes of 10-250 ml? Why is it usually not necessary 
to apply the buoyancy correction in the weighing of sample for analysis and in the 
weighing of precipitates obtained in analysis? 

22. Describe' a proper technique for weighing each of the following: 

(a) A piece of platinum foil. 

(b) Solid HaSC >4 which is non-hygroscopic. 

(r) Solid NaaCOa- IOH 2 O which is highly efflorescent. 

(d) A sample of vinegar. 

(r) An absorption tube for CO 2 which is filled with about 100 ml strong KOH 
solution. 

23. Why is relative calibrat ion of weights satisfactory for most analytical purposes? 

24. In t lie* calibration of weights why are the values redistributed in terms of orid. 
of t \ he larger weights? 

25. Why an 1 2 3 4 not buoyancy corrections made during calibration of weights? 

26. The correction for a 2-g weight is minus. Is this weight heavier or lighter 
than its nominal (face) value in relation to the 10-g weight which was selected as a 
standard for the calibration? 

27. In which of the following cases would an absolute rather than a relative cali- 
bration of weights be necessary: 

la) In a large industrial laboratory where the samples and precipitates are 
weighed by different operators using various sets of weights. 

(b) In a gravimetric analysis when' the sample and precipitate are weighed 
\v : th the same set of weights but on different balances. 

(r) In a volumetric analysis in which a solid primary standard is used, and the 
sample is a weight'd portion of a liquid. 

(d) As in (c), but where the sample is a measured volume of liquid. 

(r) In a calibration of volumetric glassware wherein weighings are being made 
to tin* closest 0.5 mg. 


PROBLEMS 

In the following problems which involve the computation of weight from swing 
or deflection data it is assumed that the object is on the left pan and the rider 
on the right half of the beam unless otherwise specified. 

1. In your locality wiiat is the actual weight in dynes of a 1.0000-g mass? 

2. The rest point with the rider at 4 is 10.5 and at 3 is 7.0. Is the rider on the 
right or left half of the beam? 

3. Find the weight of an object to the closest 0.1 mg from the following data: 
Swings of the unloaded balance: 8.3, 11.4, 8.5 

Weights on the pan: 10 g, 5 g, 2 g, 1 g, 500 mg, 50 mg, 20 mg, 5 mg 
Swings with the rider at 1 mg: 14.0, 10.3, 13.8 
Swings with the rider at 2 mg: 8.9, 11.8, 9.1 

4. Determine the weight of an object to the closest 0.1 mg from the following: 

Swings of the empty balance: 7.1 14.6 

7.3 14.4 

7.5 
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Rest point with 13.73 g oil the pan and the rider at 8 is 8.5; with the rider at 7 
the rest point is 11.1. 

5. Determine the mass of an object to the closest 0.1 mg from the following: 


Zero point of the balance 

10.5 

Rest, point for 22.513 g 

10.0 

Rest- point for 22.5135 g 

8.5 


List the weights on the pan, and assume that the balance has a JO-mg rider. 

6. The swings of an empty balance are: 8.3, 13.1, 8.0. The rest, point with a mass 
of 10. 5G g on the pan and the rider at 0 is 13.0; with the rider at 7 the rest point 
is 11.2. Whore would the* rider have to be placed to make the rest, point and zero 
point coincide? 

7. The swings of an empty balance are: 5.S, 14.1, 0.1, 13 S, 0.3. The object is 
placed on the right, pan, and the weights on the loft pan amount to 12.51 g. The 
following rest-point data are obtained with the rider on the right half of the beam: 

Rider at 3 rest point is 0.8 
Rider at. 2 rest point is 9.0 

What is the weight of the object to the closest 0.1 mg? 

8. The following data were obtained with the object on the left pan and the rider 


on the left half of the beam: 

Zero point 9.7 

Mass on right pan 24.83 g 

Rest point with rider at 4 9.1 

Rest point with rider at 5 11.4 


What is the mass oi the object to the closest 0.1 mg? 

9. The zero point of a balance is -[-4.1 when the single-deflection method is used. 
With a load of 12.48 g and the rider at 4 the deflection is — 1.5. If the sensitivity 
is 0.5 divisions per milligram, when* should the rider lx* set? 

10. The first deflection of a balance with a 100-mg chain is —4.5; from the following 
deflections calculate where the chain should lx* set to complete the weighing. 

With 27.343 g the deflection b -j-5.0. 

With 27.344 g the deflection is —2.5. 

11. In a series of weighings by difference the zero point of the balance is assumed 
to be 10.0. Actually the zero point as determined by swings is 8.8; the sensitivity 
at this load is 1.9 divisions per milligram. What error is made in each individual 
weighing? What, error is made in the weight of the sample? 

12. A balance has graduations on the; beam from zero at the center to 10 over 
the right knife edge. J3y mistake a 5-mg rider is used on this balance, and the weight 
is recorded as 17.7134 g. What is the correct weight of the object? 

13. Could weighings accurate to 0.1 ing be made* on a balance whose sensitivity 
is 0.7 divisions per milligram, if rest-point, data arc* reproducible* to 0.1 division? 

14. If the left-hand arm of a balance is 15.02 cm in length and the right-hand 
arm is 15.00 ern, what will be the apparent weight of a 20.0000-g object? 

15. A sample of platinum (density = 21.45 g/ml) weighs 03.5781 g in air with 
brass weights (density = 8 g/ml). Compute the weight in vacuo. 

10. A sample of aluminum (density = 2.7 g/iril) has a weight in vacuo of 21.5008 g. 
What would the sample weigh in air if gold weights (density = 19.3 g/ml) are used? 
Repeat the calculation using brass weights. 



3 Problems 47 

17. What is the value of a buoyancy factor for converting weights of mercury 
(density = 13.5 g/ml) determined in air with brass weights to weights in vacuo? 

18. 500.0 mg of NaCl is weighed in air with brass weights. What absolute error 
is made in the total weight of the sample if buoyancy is neglected? Is this error 
detectable on the ordinary analytical balance? (Density of NaCl = 2.2 g/ml.) 

19. The density of water in vacuo at 21 °C is 0.99802 g per milliliter. W T hat is the 
weight in air with brass weights of 50.00 ml of water? 

20. A 0.5000-g sample of density 4.5 g per milliliter yields a precipitate of silver 
chloride (density = 5.0 g/ml) which weighs 1.3950 g. Compute the weight in vacuo 
of the sample and of the precipitate. Compute the ratio of the uncorrected and 
corrected weights of sample and precipitate*. According to your results, is it necessary 
bo apply buoyancy corrections to these data? Brass weights are used. 

21. An object weighed in air with brass weights had a mass of 30.0075 g; when 
weighed under water at 23 °C the mass was 25.8753 g. W hat is the density in vacuo 
of the substance? W r hat would the substance weigh if it were immersed in alcohol? 
(Density = 0.90 g/ml.) 

22. Two weights, one of aluminum (density — 2.7 g/ml) and one of copper 
(density = 8.92 g/ml), are each adjusted to 10.0000 g in vacuo. The aluminum 
weight is placed on the left-hand pan of a balance and the copper one on the right. 
If the zero point of the balance is 10.3 and the sensit ivity is 4.5 division per milligram, 
when* must the rider bo set to make the rest point and zero point, coincide? The 
balance beam is graduated to 10 mg on both sides of the central knife edge. 

23. On the basis of the 10-mg weight the preliminary valuers of the' 2-g and 10-g 
weights art* 1.9902 and 10.0152 g, respectively. W r hat is the final correction for the 
2-g weight, in terms of the 10-g weight? Is the 2-g weight lighter or heavier than it 
should be? 
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One of the most important objectives of a first course in quantitative 
analysis is to gain an understanding of the accuracy which may be ex- 
pected from a chemical analysis and a knowledge of the proper use of 
numbers for expressing the result of an analysis. The experimental 
measurement of a physical property is affected both by errors inherent 
in the instruments and methods used and by errors introduced by the 
experimenter himself. This may be illustrated by a hypothetical ex- 
periment. Suppose that a number of people are asked to determine 
individually the volume of a room, each one using the same meter stick 
for the measurements. The results obtained will not be identical. 
There will be individual variations, due to errors in taking successive 
intervals with the measuring rod. There will be an error common to 
all determinations, due to the fact that the meter stick is not exactly 
1000 mm in length. Finally, there may lx* errors in the methods used 
for expressing the results of the measurements. The agreement among 
the various determinations is calk'd the precision of the results. The 
agreement of the average result found and the true result is the accuracy 
of the determination. In this experiment we may find excellent preci- 
sion, if the work is carefully done, but poor accuracy, if the meter stick 
is itself very inaccurate. The experimenter should seek high precision 
in his work, since precision is a measure of the care with which the work 
is done. But at all times it should be kept in mind that high precision 
does not necessarily indicate high accuracy. 

In the folloAving sections the factors which affect the precision and 
accuracy of analyses are discussed. The applications of this material 
to quantitative determinations will not be fully understood at this time, 
but the principles presented should be kept in mind and applied through- 
out the work of the course. 
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ERRORS 

The errors which may affect both the precision and the accuracy of 
analyses may be grouped into two classes: indeterminate, accidental, or 
random errors; and determinate, consistent, or systematic errors. 

Indeterminate. Errors which arise from unknown causes and which 
dr> not affect each determination in the same manner are known as in- 
determinate errors. Most of these are caused by variations in the per- 
sonal factor; that is, the analyst does not perform every determination 
in exactly the same manner. In the hypothetical measurement just 



cited, the failure to make consecutive placements of the measuring rod 
at exactly the same point is an indeterminate error. Common indeter- 
minate errors in the laboratory are variations in judgment in the point 
of color change of an indicator, small losses of material in transfer or 
from leaky burets, variations in the temperature of solutions from one 
experiment to another, mistakes in observations of balance rest points, 
individual variations among the several weights, variation in moisture 
content of the container used for weighing, and so on. In general, the 
more careless or inexperienced the experimenter, the greater is the mag- 
nitude of the indeterminate errors. Lack o r precision is chiefly due to 
indeterminate errors. 

If a sufficiently large number of observations is taken, the occurrence 
and magnitude of the indeterminate errors may be expressed by the laws 
of probability. The frequency of occurrence y of an error of magnitude 
x is given by the relation, 

y = ke- h '* 2 

where k and h are constants, and c is the base of the system of natural 
logarithms. When y is plotted as a function of x , a curve of the shape 
shown in Fig. 9 results. From this curve there may be deduced: 
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1. The errors of most frequent occurrence are those of small magni- 
tude. In our hypothetical measurement no one is likely to make an 
error of several centimeters in a dimension, but an error of 1-2 mm is 
very probable. 

2. Large errors seldom occur. An error of 1 m in the measurement of 
the room is very unlikely. 

3. Positive and negative errors are equally probable. This is another 
method of saying that the arithmetic mean of a series of results repre- 
sents the most probable value. If we take the average results from the 
measurement of the room, we have the value which is most reliable. 

Determinate. Determinate errors are those that may affect every 
observation of a series m the same manner. An error in the length of 
the meter stick used for our hypothetical measurements would constitute 
a determinate error common to all experiments. Determinate errors do 
not, therefore, affect the precision of a series of measurements, and in 
consequence their presence may be totally unsuspected. 

In analytical chemistry determinate errors may arise from many 
sources. Throughout the work of the course attention will be called to 
possible sources of error and to methods for their avoidance. In general, 
the most frequent sources are (1) inexact methods, (2) impure chemicals, 
and (3) inaccurate equipment. The general methods used for minimiza- 
tion of errors are (1) calibration of apparatus, (2) blank determinations, 
(3) performing the analysis by several different methods, and (4) running 
a control, that is, analyzing a substance whose composition is known. 

Calibration of apparatus is, as the name implies, a testing of the 
accuracy of the equipment. Apparatus for measuring volumes should, 
in particular, be calibrated. 

Blank determinations are analyses performed without the presence 
of the sought constituent. For example, in the determination of the 
amount of acid present, the sample is titrated with a solution of stand- 
ard base until an indicator shows a color change. In the blank deter- 
mination, an indicator is added to distilled water, and base is added 
until a color change is observed. The amount of base required is known 
as the blank. This amount is subtracted from the total amount used in 
titration of the sample. 

When highest accuracy is sought the analyst should employ several 
different methods. Hydrochloric acid solutions, for example, may be 
standardized by comparison with various pure substances. If several of 
the available substances are employed, it may be found that the results 
are in agreement for two or three methods, but that another method 
gives quite a different result. This indicates the probability that the 
result not in agreement with the others is subject to a determinate error. 
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In certain types of volumetric analyses the analyst may reduce the 
magnitude of determinate errors by a method of cancellation. The solu- 
tion for the analysis of samples may be standardized by comparison 
with a sample similar to those later to be analyzed, but of known com- 
position. Any determinate errorR inherent in the methods will thereby 
occur both in the standardization and in the analysis and will be canceled. 

EVALUATION OF PRECISION 

If each member of a series of observations has the same reliability, 
that is, if there is no reason to assume that one observation is more cor- 
rect than another, the arithmetic mean or average of the results is the 
most probable value of the correct result. The precision of any result 
is measured by its deviation from the average result, and the average 
precision is measured by the average deviation of the single results from 
the mean. In discussing the precision of results and the deviation of 
individual results from the mean, it is convenient to express all values 
in parts per thousand, in order that they may be on a directly compara- 
ble basis. If, for example, two results, 5311 and 5321, are obtained, the 
deviation between the two is 10 units. In another observation the re- 
sults, 531 and 521, are obtained, giving likewise a deviation of 10 units. 
In the first set of measurements, the agreement is much better than in 
the second, as may be seen by expressing the results in parts per 1000. 
In the first set the agreement is 7 ^ ?t> or roughly -5 J which is njV?> » 
in the second the agreement is or 

The average deviation of the individual results in a series of measure- 
ments is obtained as follows: 

1. Compute the arithmetic mean. 

2. Compute the numerical deviation of each result from the mean, 
without regard to algebraic sign. 

3. Average the deviations of the individual results. 

4. Express the result in parts per 1000. 

The computation of the average deviation may be illustrated by a 
numerical example: 


Values 


Found 

Deviations 

0.0519 

0.00015 

0.0521 

0 . 00005 

0.0522 

0.00015 

0 0520 

0 00005 

Average 0 05205 

0.00010 


Average deviation — 0.00010 part in 0.05205 or 10 parts in 5205 
- 2/1000 
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The following methods are routinely employed to increase the preci- 
sion of analyses: 

1. Measurements of weights and volumes are so arranged that a pre- 
cision of at least may be attained. For example, the precision in 

weighing out a sample by difference is 0.0001 g, for each of the two 
weighings and the weight of sample should be 0.2000 g, in order that an 
error of 0.0002 g may not be greater than qxiW- Likewise, in the 
measurement of volume from a buret it is advisable to employ volumes 
of 40-50 ml in order that errors in reading the buret and in locating the 
end point may not exceed toVo- ^ the total volume used is only 10 ml, 
an error of 0.01 ml amounts to i~ ( ro whereas with a volume of 40 ml 
the permitted error is 0.04 ml. 

2. Several determinations are made and the average taken as the 
most probable result. It may be shown by the method of least squares 
that the arithmetic average of n equally reliable results is \^n times as 
reliable as a single result. That is, the average of four determinations is 
twice as reliable as a single result, and the average of nine determina- 
tions is three times as reliable as a single result. From this it may be 
seen that it is advantageous to employ two to four determinations, but 
that beyond this point the gain in precision is not justified by the in- 
creased labor involved. 

Rejection of an Observation 

It frequently happens that in a series of observations one or more 
results deviate widely from the average value w hereas the other results 
are in (‘lose agreement with the average. When this occurs, the question 
may arise as to rejection of the disagreeing results. This question is 
difficult to answer. Theoretically, no result may be rejected, since the 
presence of a result which does not agree with the others indicates faulty 
technique and tends to throw doubt on the entire series of determina- 
tions. It is preferable to discard the entire series of results, seek for the 
source of error, and repeat, the determinations after elimination of the 
source of error. It is understood, of course, that every result in which 
a known error has occurred is immediately rejected; the present discus- 
sion relates to results which have*, boon obtained by careful work and in 
which the experimenter is not conscious of any error, in practice, it is 
permissible to discard one value of a series of determinations, provided 
that the following criteria are applied : 

1. There should be at least four independent determinations. 

2. The average should be determined without including the doubtful 
result. 
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3. The deviation of all results from the average is computed, and the 
deviation of the doubtful result is compared with the deviations of other 
results. If the deviation of a single result is greater than four times the 
average deviation of the remaining results, the single result may be 
discarded. 

According to the theory of probability, the chances are 993 per 1000 
that the rejection of a result is justified when the afore-mentioned criteria 
are applied. 

The rejection of an observation may be illustrated by an example: 

In a series of determinations the values 0.1031, 0.1033, 0.1035, and 0.1042 are 
obtained. May any result be rejected? 

Solution: 


Results 

Deviations 

0.1031 

0.0002 

0.1033 

0.0000 

0.1035 

0.0002 

(0.1042) 

(0.0009) 

Average 0.1033 

0.00013 

0.00013 

Average deviation = 

or 1.3 parts/ 1000 


The suspected result, 0.1042, is not included in the average. Its devia- 

9 1.3 

lion from the average is — — or greater than 4 X — rrr . The result may 

1000 1000 

therefore be rejected. 

If two or more results deviate widely from the average, it is not valid 
to reject any result, because such an occurrence indicates careless or 
faulty technique. It often occurs that a student, in a series of five 
values, may have two values which agree closely and three other values 
which agree closely, but with a wide divergence between the two sets of 
values. Neither set may be considered reliable; the entire series of de- 
terminations should be repeated. 

SIGNIFICANT FIGURES 

When the measurement of a physical property is expressed by a num- 
ber, care must be taken that the number contain only the digits neces- 
sary for the precision of the experiment. The digits in a number which 
arc needed to express the precision of the measurement from which the 
number was derived are known as significant figures. In the hypothetical 
measurement cited previously, let us assume that the room was found to 
be a cube measuring 4001 mm on an edge. The precision of the meas- 
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urement was 1 mm, that is, the average deviation was of that amount. 
Computation of the volume gives 04,048,012,001 cu mm. This number 
contains too many significant figures and must be rounded off to express 
a precision of 1 part in 4000. Therefore the volume is expressed as 
0405 X 10 7 or 0.405 X 10 1() eu mm. 

The number zero is a significant figure except when it is the first figure 
in a number. That is, the number 1250 contains four significant figures, 
the number 0.00125 contains only three , and the number 0.001250 con- 
tains four. Final zeros are often carelessly used For example, it may 
be stated that a certain geological formation is 40,000,000 years old. 
Strictly interpreted this figure indicates that the age is known to a preci- 
sion of 1 year. Preferable usage is to say that the age is 40 million years, 
liven in the measurements of the laboratory we occasionally find loose 
usage of final zeros and of other significant figures. 

In derived values which are the basis for further calculations, it is 
often desirable to retain one digit in excess of the significant figure's. 
Such a retained non-significant figure' is denoted by a subscript position. 
For example, in the number 0.987s it is implied that the number 3 is of 
doubtful significance. 

The criterion for the selection of a proper number of significant figures 
is not the number of significant figures in the data, but the precision ex- 
pressed in the data. For example, the data in an analysis may contain a 
weight measurement of 0.1023 g. Here there are four significant figures, 
but the precision implied is only 1 part per 1000. If these data lead to a 
percentage calculation of 90.82, the result, should be rounded off to 90.8, 
although this number contains only three significant figures. The num- 
ber 90.82 implies a precision of 1 part in 9000. 

The American Standards Association 1 has issued a tentative report 
proposing a standard practice of rounding off decimal values (or integers) 
in retaining the proper number of significant figures. Three general 
cases are considered: 

(a) When the figure next beyond the last one to be retained is less 
than 5 the last figure should be retained unchanged. For example, 
1.2342 is rounded to 1.234. 

(h) When the figure next beyond the last one to be retained is greater 
than 5 the last figure is increased by 1. For example, 1.6789 becomes 
1.679. 

(c) When the figure next beyond the last one to be retained is 5 and 
there are only zeros beyond this figure 5, the figure in the last place 
should be increased by 1 if odd or left unchanged if even; that is, the 

1 Rev. Set. Instruments , 9 , 397 (1938). 
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last figure is even. For example, 1.350 and 1.35 become 1.4 if only one 
decimal place is to be retained. Under similar circumstances 1.450 or 
1.45 becomes 1.4. When the figure next beyond the last one to be re- 
tained is 5 and it is followed by any other figures the last figure to be 
retained is increased by 1 regardless of whether it is even or odd. For 
example, 1.1501 becomes 1.5 if rounded to one decimal place. 

When several numbers are combined, the result must contain the 
proper number of significant figures. Convenient rules for achieving 
this objective are: 

1. In addit ion or subtraction, there should be in each number only as 
many figures to the right of the decimal point as there are in the num- 
ber which contains the fewest of such figures. For example, the addition 

203.1 

7.21 

0.3734 


should be written 

203.1 

7.2 

0.4 


2. In multiplication or division retain in each factor sufficient digits 
to express the precision of the least accurately known quantity. For ex- 
ample, in the operation, 


203.1 X 7.21 X 0.04144 

all figures are left unchanged. The least accurately known number is 
7.21, which indicates an accuracy of fin:- Dropping a digit from 203.1 
would leave a figure which indicates a precision of -g-J-y, while dropping 
a digit from 0.04144 would leave indication of a precision of In 

consequence of the previous rule, the number obtained by mathematical 
operations should contain the same number of significant figures as the 
least accurate term involved in the operations. Thus, the product of 
this multiplication is written G0.7 rather than as 60.G827, which is ob- 
tained from the calculation. 

In every operation of an analysis, one should keep in mind the degree 
of precision and the number of significant figures needed. Only an in- 
experienced chemist will waste time by overly exact work. For exam-; 
pie, a buret is calibrated by weighing the amount of water deliver 
The buret readings are good only to the nearest 0.01 ml. Consequently^ 
it is a waste of time to weigh the water to the fourth decimal pla^^O^t* 
every class has some students who will do this if not correolfed^ Lill£ 
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wise, in weighing out samples of about 1 g it is not necessary to deter- 
mine the fourth decimal place in the weight accurately if the sample is 
to be used for an analysis whose over-all precision is of the order of 
1 part per 1000. It is sufficient to weigh the sample only to the nearest 
milligram. 

In computing the results of an analysis, one should also keep in mind 
the degree of precision commensurate with the analytical procedures 
used. The answer should not carry decimal figures far beyond the limits 
of precision in the laboratory work. Jf duplicate results for a sample 
give percentages of 15.46 and 15.68, it is misleading to report the aver- 
age as 15.57, the arithmetical mean of the two figures. Obviously the 
precision is not better than 0.2 per cent, and it is sufficient to give the 
answer as 15.6. 

A slide rule may be used for computation when the precision need not 
exceed 2-3 parts per 1000. If higher precision is required, one should 
use five-place log tables. 

QUESTIONS 

1. Which of the following can be concluded from the fact that three results of an 
analysis check closely: (a) indeterminate errors have been minimized, (ft) the average 
result is accurate, (c) the reagents used were absolutely pure, Uh determinate errois 
have been minimized, (r) a blank determination is unnecessary. 

2. Which of the following errors may have occurred in an analysis which has 
good precision but poor accuracy: 

Mechanical loss of solution during titration. 

Use of uncalibrated weights. 

An error in recording the weight, of one sample. 

Use of the wrong indicator for the titration. 

3. Criticize and correct the following statements: 

(a) “A series of results cannot have high precision without also having high 

accuracy.” 

(b) “To express a precision in a measurement of one part in a thousand always 

requires the use of four significant figures.” 

4. List the methods used to minimize determinate errors. 

5. Why is it desirable to use samples which weigh at least 0.2000 g and to use; 
volumes of at least 40.00 ml in titration? 

6. A surveyor measures a distance of 10 miles by means of a steel tape, 100 ft. in 
length. List the most probable determinate and indeterminate errors that may 
affect his measurement. Would the (‘fleet, of temperature on the length of the tape 
be classed as a determinate or indeterminate error? 

7. Would you consider all the zeros significant, figures in each of the following 
statements? Rewrite each with the proper number of significant figures. 

The population of a city is 100,000. 

A factory sold for $100,000. 

The average life of a car is 100,000 miles. 

The age of a geological specimen is 40,000,000 years. 
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8. List the most important determinate and indeterminate errors in the deter- 
mination of the weight of a sample with the analytical balance. 


PROBLEMS 

1 . By how many parts per thousand do the following pairs of results deviate from 
each other: 

(a) 9.5 and 9.7. 

(b) 0.507 and 0.512. 

(r) 40.00 and 40. 10. 

(cl) 0.09719 and 0.09717. 

2. On a Bureau of Standards sample which contains 24.79 per cent sulfur a student 
reports: 

24.05, 24.78, 24.55. 

What ar » the precision and accuracy of these results expressed in parts per thousand? 

3. The follow ing student results were obtained for the purity of a sample of sodium 
carbonate which assayed 99.85 per cent pure: 

99.05, 99.71, 99.58. 

(a) What is the average deviation of these results in parts per thousand? 

(b) What is the accuracy of these results? 

(c) Are determinate errors an important factor in this analysis? 

4. An analyst obtained the following results for the standardization of a HC1 
solution: 

0.1135, 0.1134, 0.1130, 0.1144, 0.1132. 

(a) Which result, is he justified in discarding? 

(b) In terms of the average deviation, what is the precision of the remaining 
results? 

(r) What can lx* said about the accuracy of the results? 

5. By use of the atomic weight table determine the percentage of chlorine in KC1 
to the proper number of significant figures. 

0. In terms of the result of Problem 5 express the precision and accuracy of the 
following results for the analysis of a very pure sample of KC1: 

40.82, 47.03, 40.98. 

7. From the following results for the percentage of iron in a sample of pure FeO: 

76.95, 77.02, 70.90, 77.25. 

(a) May any of the experimental results be discarded? 

(b) Express the precision and accuracy of the results in terms of the conclusion 
drawm in (a). 

(c) What can be said about the presence of determinate and indeterminate 
errors in these results? 

8. The following results were obtained for the normality of a sodium thiosulfate 
solution: 


0.0980, 0.0988, 0.0989, 0.0981. 
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(a) What should be reported as the best experimental value of the normality 
of the solution? 

( b ) In terms of the average deviation, what is the precision of the results? 

(r) The “average deviation of the mean” is defined as the average deviation 
of the individual results divided by the y/ n where n is the number of individual 
results included in the average. Compute the average deviation of the best 
mean value for the normality of the thiosulfate solution, and express the normality 
as the average value ± t lit' average deviation of the mean. 

9. How carefully should a 5-g sample be weighed to achieve a precision of: (a) 1 
per cent, (6) 0.5 per rent, (e) 0.1 per eent? 

10. To what precision in parts per thousand are the following values of the funda- 
mental physical constants, as quoted by Bilge, known: 

(a) Charge of an electron 1.0022 X 10~ 19 coulomb? 

(b) Volume at STB of a gram-mole 22.4203 X 10 3 cm 3 ? 

(c) Melting point of ice 273.10°K? 

(d) Speed of light 2.99770 X 10 10 era seconds" 1 ? 

11. Faraday’s constant, is usually used in elementary course's as 90,500 coulombs 
per gram equivalent weight. If this constant is known to a precision of 1/10,000, 
express it to the* proper number of significant figures. 

12. How many significant figures are in each of the following numbers: (a) 410, 
(6) 410.0, (r) 0.041, «l) 0.04100, (c) 0.41 X K)“ H ? 

13. The weight of a 10-g sample* is known to 1/100,000. How carefully was the 
sample weighed? 

14. If a microburct can be mid te> the* nearest. 0.001 ml, what total volume 1 should 
be withdrawn from the buret so that the 1 volume 1 will lx* known to a precision of 
2 / 1000 ? 

15. If the convention of significant figures is properly used, what is the smallest 
graduation interval on a thermoniete*r for which a reading of 90.54 ’O is recorded? 

16. Expre'ss to the proper number of significant figures: 

(a) The density of an object whose volume is 13.25 ml and which weighs 
62.5013 g. 

( b ) The percentage of silica in a mineral which weighs 1.0065 g and which yields 
a precipitate of S1O2 which weighs 0.0142 g. 

(c) The result of an analysis which calculates to 0.00296457 and which involves 
in the calculation a weight- of sample of 0.9572 ub 0.0002 g and a volume* of 
standard solut ion of 56.13 ± 0.08 ml. 

17. By use of a table of atomic weights express the molecular weights of the 
following compounds to the prefer number of significant- figures: (a) HOI, (6) AU2O3, 

(c) Eu(NO,) 3 . 

18. Express the following measurements with the proper number of significant 
figures to indicate tin 1 highest- accuracy obtainable with the instrument used: 

(a) 5 g measured on a laboratory trip scale. 

(b) 30 g measured on a balance sensitive to 10 mg. 

(c) 10 mg weighed on an analytical balance. 

(d) 10 mg weighed on a micro! >alanee sensitive to 10” 6 g. 

(c) 9 ml measured in a 100-nil graduated cylinder. 

(/) 9 ml measured in a 10-inl graduated cylinder. 

(g) 9 ml measured from a 50-ml buret. 

19. What/ accuracy, in parts per thousand, is implied in each of the instruments 
listed in Problem 18? 
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20. The factor for the conversion of U. S. gallons into liters is 3.78533. 

(a) Express 0.55 gallons as liters. 

(b) Express 11.99 nil as gallons. 

21. A sample of an alloy is to be analyzed for silver by electrodeposition. If the 
sample is approximately 20 per cent Ag, what size sample should be taken for analysis 
so that, the error in determining the weight of the deposited silver does not exceed 
i oft q , provided a balance sensitive to 0.1 mg is used? 

22. Copper is to be determined by electrodeposition of the metal from a solution 
which is approximately 0.5 per cent Cu. If the error in determining the weight of 
the deposited copper is not to exceed yjnr and a balance; which is sensitive to 0.05 
mg is to be used, what size sample should be taken for analysis? How precisely 
should the sample be weighed? 

23. Express the* results of the following calculations to the proper number of sig- 
nificant figures: 

(a) 1.000 + 0.05074 - 0.0013. 

(« b ) 14.350 + 0.015 + 12.0. 

(c) 101.05 + 1.283 - (3 X 10“ 5 ). 

(d) 2.5 X 101,502. 

(e) 15.75 X (300 X 10 4 ) X 0.000035. 

29.74 X 400 

^ 0.080 
12.3450 X 2.0 

({/) 0.002 
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Preparation of the Sample for 
Analysis 


Before any quantitative analysis can bo made, it is necessary (1) to 
procure a test sample that will represent the average composition of the 
material to be analyzed, and (2) to prepare a solution of the test sample. 
In courses in quantitative analysis, these operations often seem inconse- 
quential because the student is given a small homogeneous well-ground 
sample whose analysis is known, and he is provided with explicit direc- 
tions for bringing this sample into solution. In professional analyses, 
however, it is often more difficult to prepare a suitable solution than it 
is to perform the actual analysis. The material of this chapter is de- 
signed to acquaint the student with the problems involved in the 
preparation of a sample for analysis and with the general methods for 
the solution of these problems. Tor more detailed information refer- 
ence books 1 should be consulted. 


SAMPLING 

Few of the natural or commercial products for which analyses are 
required are homogeneous in nature. A shipment of ore, for example, 
will show large variation;*, in composition, even though it. is all taken 
from the same deposit. Even ahoys, such as brass or steel, arc inhomo- 
geneous within a single piece, owing to segregations that, occur during the 
solidification of the liquid material. Since, in general, the portion used 
for the analysis does not weigh more than a gram, it is obviously of par- 

1 See in particular W. F. ITillebrand and (L E. F. Lundcll, Applied Inorganic 
Analysis, Wiley, 1920; N. H. Furman, Scott's Standard Methods of Chemical Analysis , 
Van Nostrand, 1939; and II. H. Willard and Harvey Diehl, Advanced Quantitative 
Analysis , Van Nostrand, 1944. 


GO 



5 Long Pile and Alternate Shovel Method 61 

amount importance to exercise great care in the selection of this portion 
so that it shall represent the composition of the whole material. An 
excellent analysis is completely invalidated by poor sampling. 

The method of sampling is first to select a gross sample, which, though 
itself inhomogeneous, will represent the average composition of the 
whole and by systematic mixing and reduction in size of the gross 
sample to obtain a small homogeneous portion that has the same com- 
position as the entire material. 

The size of the gross sample depends on the size of the individual 
particles of material. If the particles are large or show wide variation 
in size, as in a carload of coal, the gross sample is necessarily larger than 
for a well-ground material of uniform particle size. In general, the gross 
sample varies from to T <, 0 of the total material, but under special 
conditions a much smaller fraction may be used satisfactorily. 

In taking the gross sample a standardized procedure is followed to 
insure that the sample shall represent the composition of the whole. 
Small portions of uniform size, known as sample units, are taken at regu- 
lar intervals from the entire bulk of material. If the material is in a 
large bulk, as a boatload of ore, sample units are taken along lines drawn 
lengthwise of the bin. When the material is in small containers, a por- 
tion is taken from every nih container. The size of the sample unit, like 
that of the gross sample, varies with the size of particles of the material; 
the larger the individual particles, the larger the sample unit needed. 

From the gross sample, which may weigh hundreds of pounds, there is 
obtained a small sample, weighing 5-10 lb, which is called the laboratory 
sample. The process of reducing the gross to the laboratory sample 
consists of systematically mixing, dividing the mixture into two parts, 
mixing one part, dividing, and so on. Before the first division is made, 
the sample is crushed to particles 1 in. or less in size, and each fraction is 
again crushed to smaller particle size before it is subdivided. 

When the mixing is done by hand, one of the following methods is 
used: 

1. Long Pile and Alternate Shovel Method. This method is used 
for large samples of 100-1000 lb. The particles should not be larger 
than 1 in. The sample is mixed by piling into a cone, each shovelful 
being deposited at the apex so that the material runs down to all sides. 
The material is shoveled from the cone into a long pile about the width 
of the shovel; each shovelful is spread along the entire length of the 
pile, alternate shovels being started at opposite ends. The long pile is 
divided into two equal portions by taking alternate shovels of material 
and discarding the odd ones. The portion retained is recrushed, again 
piled into a cone, and spread into a long pile. 
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2. Coning. When the size of sample is between 10 and 100 lb, the 
method of coning is useful. The material, crushed to a proper size in 
relation to the amount present, is piled into a cone. The cone is then 
flattened, and the flat pile is divided into four equal portions by passing 
a straight board through twice, so as to make two cuts at a 90° angle 
to one another. Alternate quarters are rejected, and the remaining 
two quarters arc crushed to suitable particle size, repiled, and again 
quartered. 

3. Tabling. This method is suitable for finely ground samples of 
weight 10 lb or less. The material is spread on a canvas cloth and mixed 
by drawing in turn each corner of the cloth to the diagonal corner, in 
such a manner as to impart a rolling motion to the particles. After be- 
ing mixed in this manner, the 4 material is spread in a flat pile and quar- 
tered. The two opposite quarters are discarded, as in the coning pro- 
cedure. 

4. Riffling. A sample may be mixed and divided into two portions 
by a machine known as a riffle, if the particles are small. In this opera- 
tion the material is fed from a hopper into a row of small chutes arranged 
so that the even-numbered ones deliver to one side and the odd-num- 
bered ones to the other side. This method is applicable only when there 
is sufficient sample to fill all the chutes. 


GRINDING ANI) CRUSHING 

It has been pointed out that thorough mixing requires that the 
sample be ground or crushed to particles of uniform size. Nearly always, 
except in the analysis of metals, the test portion must be in the form of 
a very fine powder. Usually, when the original material is in large 
lumps, the preliminary breaking down of the particles is done by means 
of a jaw crasher , in which lumps of material are squeezed between mas- 
sive metal jaws. After the particle size is made small, further reduction 
is accomplished by grinding. 

In the school laboratory, crushing is conveniently done in a hardened- 
steel mortar, such as shown in Fig. 10. Single lumps of the sample are 
placed in the cylinder and crushed by striking the plunger with a ham- 
mer. After the material is crushed in the mortar, it is ground (in small 
portions) in an agate mortar until no gritty particles can be detected. 
After grinding, the material is thoroughly mixed, by a tabling process, 
on a sheet of glazed paper. When large portions of material are to be 
ground and mixed, a ball mill is advantageous. The sample is placed in 
a closed jar with an equal volume of hard balls, and the jar is continu- 
ously rotated on its side for several hours. Rubbing of the balls with 
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one another and with the wall of the container serves to give very effec- 
tive grinding and mixing. Care must be taken not to have too large a 
sample at a single charge. 

Sieving is an essential part of the grinding operation. No single grind- 
ing will pulverize all the particles, but some of the harder ones become 
coated with powdered material and remain unchanged. These particles 
must be separated, by the material being passed through a sieve, and 
reground. ( Conventionally, the size of particle to which a material must 
be ground is designated by the mesh of the sieve which the material must 
pass, the mesh of a sieve denoting the number of 
wires to the linear inch. Since part of the space 
is occupied by the wires themselves, an n - mesh 
sieve has openings slightly smaller than 1 nth 
of an inch. The usual sample for analysis 
should pass a screen of 80-100 mesh or smaller. 

Errors in Grinding. The process of grind- 
ing a sample may materially alter the compo- 
sition. Among the change's that may occur are 
the following: 

1. Contamination by the apparatus vsed for 
grinding or crushing. In the abrasion necessary 
to break up particles of the sample, there occurs 
to some degree an abrasion of the apparatus 
itself, with consequent contamination. Crushing causes less contami- 
nation than grinding, because there is less rubbing of the apparatus 
with particles of sample. Agate mortars are so hard that few samples 
will cause an abrasion sufficient to give a detectable amount of the 
mortar material in the sample. Porcelain mortars, such as are used in 
elementary chemistry courses, are not at all suitable for grinding 
samples for quantitative analysis. Porcelain ball mills likewise are 
unsuitable for quantitative samples of any but soft materials, such as 
crystalline salts. 

2. Contamination in sieving. Sieves are usually made of brass screen, 
because of the resistance to corrosion. There may be enough abrasion 
of the brass during the operation of sieving to cause appreciable con- 
tamination. In many mineral analyses it is preferable to use silk bolting 
cloth for screening, rather than brass sieves, to eliminate the possibility 
of introducing copper, zinc, and lead into the sample. 

3 . Oxidation of the sample. Considerable heat is generated locally in 
the grinding of a mineral, and in the presence of air an appreciable 
amount of oxidation may occur. This is particularly noticeable with 
ferrous compounds, which are readily oxidized to the ferric state. At 



Fig. 10. Steel mortar 
for crushing sample. 
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times it may be desirable to grind samples under absolute alcohol, to 
prevent changes in composition. 

4- Loss or gain of moisture. The moisture content of a sample may be 
altered in the grinding operation. A finely divided sample will absorb 
much more surface moisture than the same material beiore grinding. An 
opposite effect may be found in some minerals that contain combined 
water; the heat generated locally in grinding may expel some of this 
water, llillebrand and Lundell 2 discuss both effects and cite quantita- 
tive data. 

MOISTURE 

In many analyses it is customary to dry the material at 105-1 10°C 
before beginning the determination, and to report the result of the 
analysis on a dry basis. This practice is followed because the moisture 
content may vary widely with differing atmospheric humidity, and 
analyses made under different humidity conditions may not be in agree- 
ment. Drying at 110°C does not remove all the adsorbed water, par- 
ticularly in samples which contain oxides of iron or aluminum, nor does 
it remove all the combined water which may be present as a hydrate. 
For a given type of sample*, however, it may be assumed that drying 
will give reproducible results. 

In many analyses no drying at elevated temperature can be employed. 
For example, analyses of vegetable or animal tissue must, be based on 
the weight of air-dried material; that, is, the mat (‘rial is allowed to stand 
in air until free water has evaporated and an equilibrium is attained. 

Some crystalline materials cannot be dried at 110°(! without loss of 
combined water, and certain analyst's may be based on the weight of 
material as dried at a definite humidity. Such drying is done by placing 
the sample in a desiccator with a substance of definite known vapor 
pressure, such as a salt hydrate. For example, borax if dried over hy- 
drated sodium bromide will contain 10 molecules of water of crystalliza- 
tion, whereas if air-dried it. will partially decompose to form the penta- 
hydrate. 

The determination of the moisture in a sample is a convenient pre- 
liminary exercise in quantitative technique. A mixture of barium 
chloride dihydrate and sodium chloride is an excellent sample. The 
water of hydration is completely expelled from the barium chloride on 
drying at a temperature of 105-110°C. The process is accelerated at 
higher temperatures. 

Procedure. Label two weighing bottles, either with a gummed 
sticker or, preferably, with a glass marking ink, and dry in an electric 

2 Applied Inorganic Analysis , page 682. 
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oven at 105-1 30°C for a half-hour. During this period the stopper of 
each bottle should bo placed in a slanting position in the top of the 
bottle, to permit escape of water vapor. Place the hot bottles in a desic- 
cator, with the stoppers still open, and allow to cool to room tempera- 
ture. When they have cooled, stopper the bottles tightly, and weigh 
accurately. Repeat the heating, cooling, and weighing. Successive 
weighings should agree, within 0.3 mg. 

TABLE 6 

Determination of Moisture 


Sample Notebook Record 


Sample 4 no. 

Initial weights of bottles 

I 

32.5675 

32.5676 

II 

34.3246 

34.3241 

34.3240 

Weight of sample 

33.66S4 

32.5676 

35.2562 

34.3210 


1 . 1008 

0.0322 

Final weights of bottles with dried sample 

33.5307 

33.5300 

35.1402 

35.1400 

Loss in weight 

33.66S4 

33.5300 

35.2560 

35.1400 


0.1375 

0.1160 

Per cent moisture 

12.49 

12.44 


Obtain the sample in a stoppered weighing bottle. Transfer about 
1-1.5 g of the sample to each weighing bottle, stopper, and reweigh. 
The difference in weight of the empty and filled bottles is the weight of 
sample. Place the bot tles in the oven, with the stoppers open, and dry 
for 2 hours (or overnight). Cool in a desiccator, stopper tightly, and 
weigh. Heat for another 1-hour period, cool, and reweigh. The second 
weighing should agree with the first within 0.3 mg. If it does not, repeat 
the heating until constant weight is obtained. From the loss in weight, 
and the weight of the sample, compute the percentage of water in the 
sample. The duplicate determinations should agree within 0.2 per cent. 
Record all the data in the notebook, following the form shown in Table 6. 
Report the result of the analysis as directed by the instructor. 

Calculations* It is often convenient to make analyses on undried 
portions of sample, to determine separately the moisture on another 
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portion, and to report the results of the analysis on a dry basis. The 
method may be illustrated by a sample calculation: 

Problem. One portion of a sample 1 was found to contain 5.72 per cent moisture. 
Analysis of another portion save 14.50 per cent copper, on a wet basis. What is 
the percentage of copper, expressed on a dry basis? 

Solution: Since the sample contains 5.72 per cent, moisture, a 1.000-g portion will 
have 0.9428 g of dry material. This contains 0.1 450 g of copper. Therefore the 
percentage of copper, on a dry basis, is 


0.1450 
09428 X 


100 


15.44% 


PREPARATION OF SOLUTION 

No general directions can be given for bringing samples into solution; 
each type of material demands specific treatment. The analytic methods 
of frequent occurrence are given in Table 7. It may be noted that the 
most common methods are: (1) treatment with hydrochloric acid, (2) 
treatment with nitric acid, (3) fusion with sodium carbonate, and (4) 
fusion with potassium acid sulfate. 

Hydrochloric acid is generally used when a non-oxidizing acid medium 
is required and nitric acid when oxidation of a metal is required. In 
some analyses it is advantageous to employ a mixture 1 of nitric and hy- 
drochloric acids (aqua regia) so that oxidation can be carried out in a 
hydrochloric acid medium. 


TABLE 7 


Methods Frequently Used for Bringing Sample into Solution 


Sample 
Ferrous alloys 
Non-ferrous alloys 
Iron ores 
Carbonate rocks 
Silicate rocks 
Chromium ores 
Pyrites (FeS 2 ) 
Sn0 2 


Treatment 

Acids 

HNOa 

HC1 (lusion with KIISO 4 ) 

HC1 or fusion with Na^COs 
Fusion with Na 2 C 03 
Fusion with NaaCOa + Na 2 0 2 
Fusion with N 112 CO 3 + Na 2 0 2 
Fusion with Na 2 CO;j -f S 


Many materials which are not soluble in acids can be brought into a 
soluble condition by means of reactions with fused salts. The fused salts 
most frequently employed, known as fluxes, arc sodium carbonate and 
potassium acid sulfate. Sodium carbonate is the most widely used of 
these. Oxides of an acidic nature, such as Si02, are converted into solu- 
ble sodium salts by sodium carbonate fusion. In addition, many metal 
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salts are converted into the metal carbonates, which readily dissolve in 
acids. When oxidation of an acidic oxide is needed, the material may be 
fused with sodium carbonate plus an oxidizing agent, such as sodium 
peroxide. Potassium acid sulfate is an acid and is consequently used 
to render basic oxides soluble by conversion into the sulfates. This 
flux is most frequently used to bring insoluble iron oxides into solution. 

QUESTIONS 

1. Why is not the entire gross sample ground to the fineness of the laboratory 
sample? 

2. Why should samples be ground i n small portions when an agate mortar is used? 

3. What is the advantage 4 of crushing lumps in the steel mortar described, rather 
than directly in an agate mortar? 

4. In the following analyst's should the drying be done in air, in an oven at 110°C, 
or in a desiccator over a substance of very low vapor pressure: 

A plant leaf. Iodine. 

An animal tissue. An iron ore. 

A commercial fertilizer. 

5. If a hydrate is to be brought to constant weight in a desiccator, what must be 
true about the vapor pressures of the hydrate and the desiccant? 

(i. What changes might- occur in the mineral, liercynit-e, FeO- AI 2 O 3 , during grind- 
ing? Naim* a suitable flux to bring t his mineral into solution. 

7. How would poor mixing of a laboratory sample be detected during the course 
of an analysis. Is improper mixing a determinate or indeterminate error? 

8. Why is it important to record the temperature at which the sample was dried 
in giving the results of an analysis? 

9. Why are most, samples dried in an oven before the analyses are started? 

10. What methods might be used to dissolve each of the following: 

Arsenious oxide for arsenic analysis. 

Barium sulfate for barium analysis. 

Barium sulfate for sulfate analysis. 

Silver iodide for silver analysis. 

Metallic silver for silver analysis. 

Metallic antimony for antimony analysis. 

An insoluble chromium ore for chromium analysis. 

A silicate rock for silica analysis. 

An ignited aluminum oxide for aluminum analysis. 


PROBLEMS 

1. If a thorough sampling were to be made, roughly what would the gross labora- 
tory sample from 5 tons of an ore weigh? 

2. A sample of coal which weighs 2.000 g after air drying loses 0.1575 g of moisture 
on drying in an ovenj 0.3000 g of an oven-dried sample of the same coal yields an 
ash residue of 0.0500 g. What is the percentage of ash in the coal on an air-dry basis? 
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3. A sample of iron ore contains 1.78 per cent moisture and 71.65 per cent iron 
on a dry basis. Compute the percentage of iron in the original material. 

4. A sample of clay contains 18.3 per cent moisture and 15.8 per cent potassium 
on an “as-received” basis. What is the percentage of potassium on a completely 
dry basis? What would be the percentage of potassium if the moisture is reduced to 
5.0 per cent, of the “as-received” sample? 

5. A sample of organic tissue showed a 2.00 per cent loss in weight, on air drying 
and a 57.5 per cent loss of the air-dry weight, on oven drying. Colorimetric analysis 
demonstrated the presence of 12.0 parts per million by weight, of copper in the oven- 
dried sample. Obtain th(' parts per million of copper on an air-dry and “as-received” 
basis. 

6. An oven-dried limestone sample analyzes 45.55 per cent loss in weight on igni- 
tion to red heat and 33.26 per cent Ca(). What is the percentage of CaO in the 
ignited residue? 15.000 g of an air-dried sample of this limestone was dried in an 
oven at 120°C to a constant weight of 14.923 g. What would be the percentages of 
loss on ignition and CaO on an air-dry sample*? 

7. What is the smallest-size sample which contains about 2.5 per cent moisture 
which should be taken for analysis of moisture content to a precision of by 
use of an ordinary analytical balance? How carefully must this sample be weighed? 
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Methods and Apparatus 


Analyses which are made by means of the determination of the 
amount of a reagent solution required for reaction with a sample are 
known as volumetric analyses. This term is in a sense misleading, for 
many reactions of this type are based on the weight rather than the 
volume of solution required to react with the sample. For this reason, 
some prefer the term “titrimetrie analyses” to volumetric analyses. 

A great variety of determinations can be made by volumetric methods. 
Those are generally grouped for study under the headings of neutraliza- 
tion, oxidation-reduction, and precipitation or complex formation reac- 
tions. Examples of all three classes are studied in this course. 

Definitions. Volumetric analyses are performed by titration of a 
solution which contains the sample to be analyzed. Titration is the 
process of determining the volume or weight of the reagent solution 
just required for complete reaction with the sample. It is done by add- 
ing the solution (dropwise at the end) of reagent to the sample solution 
until the point is reached at which there is a sudden change in some 
property of the mixed solutions and at which there exists a definite rela- 
tion between the number of moles of reagent used and of the sought 
constituent. The solution used for the titration is of known strength 
and is called a standard solution. The point at which the amount of 
reagent chemical added is equivalent to the substance which is being 
titrated is known as the stoichiometric point. It is recognized by a sud- 
den change in some property of the solution, known as the end point. 
Sometimes the end point and the stoichiometric point do not coincide, 
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but in every titration one seeks conditions that will give an end point 
when the stoichiometric point is reached. 

The strength of the standard solution is determined by a process of 
standardization or comparison of the solution with a known weight of a 
substance of known composition, which is known as a volumetric stand- 
ard . The standard may be a reagent chemical of known purity, in which 
case it is known as a primary standard. When the standard is itself a 
solution that has previously been standardized by comparison with a 
primary standard, it is known as a secondary standard. 

These definitions may be illustrated by familiar examples. The 
amount of acid in a sample of vinegar can be determined by titration of 
the sample with a standard sodium hydroxide solution, using phenol- 
phthalein as indicator. The end point is reached when a permanent 
pink color is imparted to the phenolphthalein. In this titration, condi- 
tions are such that the end point coincides with the stoichiometric 
point, at which the amounts of sodium hydroxide and acetic acid are in 
accord with the weight relations of the chemical equation: 

NaOII + HtyiiA = H 2 0 + NaC 2 II 3 0 2 

Prior to the analysis the sodium hydroxide solution is standardized by 
titrating a known weight of pun* potassium acid phthalate, which serves 
as primary standard. This standardized sodium hydroxide solution may 
if desired be used as a secondary standard to compare with an acid solu- 
tion which we wish to standardize. 

Requirements for Volumetric Analyses. Before a neutralization, 
oxidation-reduction, or precipitation reaction can bo used as the basis 
of a volumetric procedure it must satisfy certain requirements. These 
are: 

1. The reagents of the standard solution and the sample must react 
rapidly so that each drop of solution is used up as quickly as the solu- 
tions are mixed. 

2. There must be a single reaction, expressed by a chemical equation, 
between the reagent and sample substances. If a variety of reactions 
are possible, one cannot tell from the volume of reagent added just how 
much of the sample has entered into reaction. 

3. This single reaction must go essentially to completion. 

4. At or near the stoichiometric point there must be an abrupt change 
in some property of the solution. Usually this consists in the disap- 
pearance of some constituent ion of the sample or in a rapid rise in the 
concentration of a reagent ion. 

5. An indicator must be available to show when the point is reached 
at which there is an abrupt change in some property. 
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To illustrate, we may compare certain reactions that can be used for 
volumetric analyses with some that cannot. Neutralization of strong 
acids by strong bases is an example of a favorable reaction. The reac- 
tion is instantaneous and is expressed by a chemical equation. At the 
stoichiometric point hydrogen and hydroxide ions are used up, with 
formation of water. Acid-base indicators show by a color change when 
there is an abrupt change in hydrogen-ion concentration. Precipitation 
of metal ions by hydrogen sulfide is an example of a reaction that can- 
not be utilized in volumetric procedures. The reactions are rapid and 
proceed to completion, but there are no indicators to show when the 
stoichiometric point is reached. Moreover, in some hydrogen sulfide 
precipitations, there may be formation of both normal and acid sulfides, 
so that one cannot tell from the volume of the hydrogen sulfide used 
the amount of metal present. A precipitation reaction which is widely 
used for volumetric analyses is the reaction of halide ions with silver 
ions. Here there is but a single reaction, and there are available indica- 
tors to show by a color change when the stoichiometric point is reached. 

Advantages of Volumetric Methods. In frequency of occurrence 
volumetric analysis ranks far above all other types. One reason for this 
is the speed with which a volumetric determination can be made. After 
standard solutions are prepared and solutions of the sample are ready 
for titration, the actual determination requires but a few seconds. The 
accuracy and precision are at least as good as can be obtained from 
other methods. A gravimetric analysis, on the other hand, may require 
many hours’ time for separating the desired constituent as a precipitate 
and for getting it into a form suitable for weighing. In the industrial 
laboratory, the majority of analyses are done either by volumetric 
methods or by some type of physical method which depends on measure- 
ment of a physical property of the sample. 


APPARATUS 

Accurate measurement of volume is essential in volumetric analysis. 
The instruments employed for this purpose are the buret, pipet, and 
volumetric flask. All these are so designed that a small change in vol- 
ume will cause a large change in the level of the liquid surface. In addi- 
tio^Jjo these, a Gooch crucible for suction filtration will be needed in 
somWW’ the laboratory exercises of volumetric analysis. 

Buret. The buret is a long glass cylinder of uniform bore. It is 
used for measuring the variable volumes delivered in a titration. The 
graduation marks indicate the volume withdrawn. Various sizes are 
used, the most common one being of 50-ml capacity. For this size the 
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graduation marks should be in 0.1-ml units; preferably the marks for 
the fractional values should extend halfway about the cylinder, and the 
integral marks should completely encircle it. (Unfortunately, this con- 
struction is not so readily available today as in the past.) The etched 
marks should be very narrow sharply defined lines. Delivery is made 
through a capillary tip whose bore should be of such size that about UK) 
seconds is needed for delivery of 50 ml of solution. If withdrawal is too 
rapid, drainage from the walls is not complete' ; if it is too slow, titrations 
are made laborious. A glass stopcock is used for con- 
trolling the rate of flow. The plug of the stopcock 
must be kept well greased, with stopcock grease of 
good grade. Vaseline is not a suitable grease. 

Weight Buret. Increased accuracy in titrations 
can be obtained by weighing, rather than measuring 
the volume of reagent required. For this purpose, a 
weight bure* (Fig. 11) is employed. The body of 
a weight buret is made short, so that the entire 
buret can be suspended from a hook just below the 
pan support of the balance. The buret, has a glass 
stopper at the top, to prevent evaporation of liquid, 
and a guard cap which fits over the delivery tip. 

Transfer Pipet. The fixed-volume pipet is used 
for rapid and accurate* measurement of fixed volumes 
of liquids. Essential features are a long delivery tip 
Fig. 11. Weight that should reach to the bottom of the volumetric 
buret. flasks used, an enlarged bulb at the center to give the 

desired capacity, and a narrow stem. The gradua- 
tion mark, which gives the level to which the pipet should be filled to 
deliver a given volume, is on the stem, about halfway between the bulb 
and the end. The tip should lie tapered and ground smooth. The size 
of the orifice should be such that delivery is slow, to permit drainage 
from the walls. Minimum delivery time for a 5-ml pipet is 15 seconds; 
for a 50-ml pipet, 30 seconds. 

The pipet is filled by placing the tip in the liquid to be used and draw- 
ing the liquid into the barrel by suction, applied with the mouth. De- 
livery is controlled by tightly holding the forefinger of the right hand 
over the stem, then slowly admitting air to permit liquid to flow from 
the tip. 

Measuring Pipet. The measuring pipet is a straight-bore pipet, 
graduated along the length similarly to a buret. Usually only small 
sizes, ranging from 1 to 10 ml, are employed. They are for the delivery 
of known variable volumes and are not generally used for titrations. 
Delivery is controlled in the same manner as for fixed-volume pipets. 
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Volumetric Flask. The volumetric flask is a thin-walled flat- 
bottomed flask with a long narrow neck. It is used to dissolve solids in 
a known volume or to dilute solutions to an accurately known volume 
from which carefully measured fractions (aliquots) can be taken for 
analysis. The graduation mark, for 
the volume contained in the flask, is 
placed on the neck. The flask has a 
ground-glass stopper, so that it may 
bo inverted without loss of liquid. 

( )ecasionally a flask is also graduated 
“to deliver,” in which case the upper 
mark will be that for delivery. This 
usage is not recommended because the 
flpsk is not an accurate instrument 
for delivery of a definite volume; there 
is uncertainty as to the amount of 
liquid adhering to the rim. 

Gooch Crucible. It is often nec- 
essary to make a filtration of a solu- 
tion that cannot be allowed to come 
into contact with filter paper. Such 
filt rat ions an' conveniently made 
through asbestos mats, in a Gooch 
crucible. The Gooch crucible is a 
flat-bottomed porcelain crucible, the 
bottom of which is perforated with a 
network of small holes. A suspension 
of asbestos fiber is poured through the 
crucible until there is formed a reten- 
tive' mat of asbestos sufficiently tine to 
retain small particles. Suction is nec- 
essary in filt.rations through Gooch 
crucibles. A commonly used assembly 
is shown in Fig. 12, but various other 
types of holders can be substituted for 

the. style shown. The test tube below the funnel is used only when a 
small sample of filtrate is to be collected. 

To prepare a mat stir a small amount of acid-washed asbestos fiber 
into 100-nil of water to make a suspension. Arrange the crucible and 
holder as shown in Fig. 12. Without suction, pour a little of the suspen- 
sion through the crucible. When most of the water has run through, 
turn on the suction, and continue to pour the suspension through until 
a mat 0.5 to 1 mm in thickness is formed. In filtration through the mat 



Fig. 12 . Filtration through Gooch 
crucible. The test tube is used only 
for collecting samples of wash liquid. 
Other types of crucible holder are 
frequently employed. 
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the suction should be applied before any liquid is poured into the 
crucible. 

Cleaning 

All volumetric apparatus must be absolutely free of grease when used, 
since the least trace of grease causes aqueous solutions to adhere to the 
walls in drops and thereby prevents complete drainage. The most 
widely used cleaning agent is a solution of sodium dichromate in con- 
centrated sulfuric acid. Because of its oxidizing power, the solution, 
particularly when hot, removes grease quickly and completely. Clean- 
ing solution, as the mixture is called, is not a general solvent tor cleaning 
all apparatus, but only for volumetric apparatus. Flasks, beakers, and 
similar apparatus are best cleaned with soap and water (better still are 
detergents such as Dreft) unless they contain organic tarry residues, in 
which case the oxidizing properties of cleaning solution may be useful. 
Other mixtures for cleaning are described in handbooks of chemistry. 

Procedure. Preparation of Gleaning Solution . 1 Stir about 20 g 
powdered commercial sodium or potassium dichromate with just enough 
water to make a thick paste. Add 300 nil oi commercial-grade concen- 
trated sulfuric acid. Store in a glass-stoppered bottle. It is unneces- 
sary to remove the residue of undissolved salt by filtration, but clear 
solution should be decanted from the bottle each time it is used. J he 
solution may be repeatedly used until the reddish color of dichromate 
has been replaced by the green of chromic ion. 

Caution: Do not allow the solution to come into contort with the shin or 
clothing, for it will cause very bad bunts. If any is spilled on the floor or 
desk , neutralize immediately with commercial-gnu] e sodium bicarbonate , 
and then wash completely with water. If it is spilled on the skin , wash the 
skin in running water as soon as possible. 

Procedure. Cleaning Buret. Inspect the stopcock plug. If it is 
well greased, the plug turns easily, and the surface between the plug and 
barrel appears to lx; transparent . If the plug needs greasing, remove it 
and wipe clean; also wipe out the inside of the barrel. Both parts must 
be dry. Rub a thin film of grease onto the plug. A good-grade stop- 
cock grease, not vaseline , must be used. Replace the plug in the barrel, 
and turn back and forth. If too much grease is applied, the tip will be- 
come clogged. If this happens, remove the plug, clean out the lump of 
grease by the method specified by the instructor, and then regrease. 

Heat about 100 ml of cleaning solution in a 250-ml beaker to a tem- 
perature of G0-70 °C (note 1). Use a thermometer; take care not to 

1 A large bottle is kept on the side shelf for class use. After use, return the solution 
to the bottle. 
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exceed 70°C. Clamp the buret in an inverted position, with the opening 
reaching nearly to the bottom of the beaker, which contains cleaning 
solution, as shown in Fig. 13. Attach a safety bottle to the buret tip by 
rubber tubing, and draw cleaning solution into the buret by suction until 
the level is slightly past the final graduation mark. Do not allow the 
solution to reach the stopcock, where it would remove the grease. Close 




Fig. 13 . Cleaning pipet and buret. 

the stopcock, and allow the filled buret to stand 3-5 minutes. Open the 
stopcock, raise the buret above the liquid level, and allow it to drain 
thoroughly. Remove the beaker of cleaning solution, replace by a 
beaker of tap water and flush out the buret by drawing water to the 
50-nil mark and allowing to drain out. Remove from the clamp; wash 
several times with tap water and finally with distilled water. When all 
trace of cleaning solution is removed clamp the buret in an upright posi- 
tion, fill with distilled water, wipe off the outside, open the stopcock, and 
allow it to drain in order to test for cleanliness. If any drops of water 
adhere to the inner wall, the buret must be recleaned. Fill the cleaned 
buret with distilled water, and leave in this condition until needed 
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(note 2). If the buret is left empty, it will quickly become contam- 
inated with a film of grease. 

Notes. 1. Cleaning solution may bo list'd without warming if dosirod, but then 
the solution should stand in the buret for at least one-half hour, and preferably 
overnight. 

2. Burets will remain clean for long periods if always stored in this way when not 
in use. Optionally the buret may be left empty and inverted, with the open end 
dipping into a beaker of water. If it is stored in this manner, less rinsing is required 
before the buret is ready for use, since the barrel is left in a dry condition. 

Procedure. Cleaning Pipet. Clamp the pipet in a vertical posi- 
tion with the tip dipping into a beaker of cleaning solution, as shown in 
Fig. 13. Draw warm cleaning solution into the pipet until the level is 
within an inch of the top. Caution. lie sure to use a safety bottle. Close 
the rubber connecting tubing with a pinch clamp, and allow the solution 
to stand 3-5 minutes, liaise the pipet, allow to drain, wash thoroughly 
with tap water, and rinse with distilled water. Test for cleanliness by 
filling with distilled water, allowing the pipet to empty, and observing 
whether drops form on the side within the graduated portion. Lack of 
cleanliness above the volume mark does not affect the accuracy, since 
solution delivered from a pipet does not come in contact with this por- 
tion. Pipet s must be recleaned frequently since they quickly become 
contaminated in use, because of organic matter deposited from the 
breath. 

Procedure. Cleaning Flask. Pour 50-100 ml warm cleaning solu- 
tion into the flask, stopper tightly, and manipulate so that all portions 
of the wall are repeatedly brought into contact with the solution. Con- 
tinue for 3-5 minutes, then pour the cleaning solution back into its con- 
tainer, rinse the flask repeatedly with tap vater, and finally rinse with 
distilled water. It is important that the neck of the flask above the 
graduation mark be clean because, when solutions are diluted in the 
flask, drops of water might adhere to an unclean wall, thus invalidating 
the measurement of volume contained in the flask. Small flasks may be 
cleaned by being filled with cleaning solution and allowed to stand over- 
night. 


CALIBRATION 

Necessity for Calibration of Volumetric Apparatus. The results 
of volumetric analyses are all based on accurate measurements of vol- 
umes. In precise work it is never safe to assume that the volume con- 
tained or delivered by any instrument is exactly that amount indicated 
by the graduation mark. All volumetric apparatus should be either 
purchased with a calibration certificate or calibrated by the analyst. In 
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addition to proving the accuracy of the apparatus the operation of cali- 
bration serves to provide the beginning student with drill in the use of 
volumetric apparatus before he undertakes to perform analyses with 
this apparatus. 

Method for Calibration. Calibration is usually performed by 
measuring the amount of water delivered or contained by the apparatus. 
This measurement may be made either by weighing the water and from 
its density calculating the volume, or by measuring the water in an 
apparatus which has previously been calibrated. Water is used as cali- 
bration liquid because of its ready availability, and because it is similar 
in viscosity and speed of drainage to the dilute solutions ordinarily 
employed in volumetric analysis. 

Standard Volume. The unit of volume employed in all scientific 
work is the liter, abbreviated 1. The liter is defined as the volume occu- 
pied by 1 kg of water at the temperature of greatest density, 3.98°C. 
At the time of introduction of the metric system it was intended that the 
liter be 1 cubic decimeter, or 1000 cc, thereby interrelating the units of 
length and volume; but, because of experimental errors, this ideal was 
not attained, and in reality the liter is 1000.028 cc. 

The liter is an inconveniently large unit for laboratory use, since most 
of the volumes encountered in titration are not greater than 0.05 1. Be- 
cause of this, the practical unit is chosen as 0.001 1., which is known as 
the milliliter (ml). For all practical purposes the milliliter is identical 
with the cubic centimeter (cc), as the difference is only 28 parts per 
million, but it is preferable to follow the usage of the United States 
Bureau of Standards and call the volume unit a milliliter rather than a 
cubic centimeter. 

Change of Volume with Temperature. The unit of volume is in- 
dependent of temperature; if a liter container were constructed of some 
material which did not expand on application of heat, it would hold a liter 
at any temperature chosen, but the weight of material contained would 
change because of the variation in density with temperature. Prac- 
tically, however, no such containers are available. Glass, which is used 
for all volumetric apparatus, does expand slightly when heated. A 
vessel which holds 1.0000 1. at 15°C holds a volume of 1.00025 1. at 
25°C. Although small in magnitude, the change is measurable, and in 
precise work it is necessary to define the temperature at which appara- 
tus is calibrated. The Bureau of Standards has chosen 20°C as the 
normal temperature, and apparatus calibrated by the Bureau will con- 
tain or deliver the stated volume at this temperature. In this course 
all apparatus will be calibrated at room temperature (20-28 °C) since 
the variation in volume over this temperature range is slight. If de- 
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sired, the values obtained may be corrected to 20°C by use of the 
equation, 

V 20 = V[1 + 0.000025(20 - t)] 

where V is the observed volume, T r 20 is the volume at 20°C, and t is the 
observed temperature. This correction is not- necessary in student work. 

Another effect of temperature is of im- 
portance in all volumetric work, namely, 
the expansion of liquids when heated. As 
previously noted, the change in volume of 
a glass vessel is on\y 0.25 part per 1000 for 
a change in temperature from 15 to 25°C. 
Over the same temperature interval the 
volume of water changes 2 parts per 1000; 
that is, a liter of water at 15°( 1 will occupy 
a volume of 1.002 1. at 25°C. This effect 
is important in connection with the use of 
standard solutions. 

Technique of Reading Volumetric 
Apparatus. When water is held in a 
glass vessel, a meniscus , whose radius of 
curvature is a function of the diameter of 
the column, is formed at the upper surface. 
With clear solutions the lowest portion of 
this meniscus is chosen as the point of 
observation, since it is the most easily 
Fig. 14. Effect of parallax in reproducible point for visual measurement, 
reading huret. Obviously it is immaterial, in a column 

of given constant, radius, what portion of 
the meniscus is chosen for observation, provided the same point is 
used for all readings; when translucent, or opaque solutions are em- 
ployed, it is necessary to make the reading at the upper edge rather 
than at the bottom of the meniscus, since the bottom cannot be seen. 

The bottom of the meniscus lies some distance behind the graduation 
mark on the outer surface of the container; it is necessary (to avoid 
errors of parallax) to hold the eye on a level with the plane of the gradua- 
tion mark and the meniscus. The effect of the eye position on the read- 
ing is shown in Fig. 14. If the eye is below the meniscus, the reading is 
too high; that is, a graduation mark is read which lies below the true 
value. A similar but opposite error occurs when the eye is above the 
meniscus. In all readings some device must be employed to insure ab- 
sence of parallax. In reading apparatus whose graduation marks extend 
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completely around the cylinder, such as the pipet and volumetric flask, 
hold the eye in such a position that the graduation on the back of the 
cylinder appears to merge with the line on the front. Similarly, if a 
buret has marks which extend halfway around the cylinder, it may be 
turned until the two ends of the line appear to merge as the eye is moved 
to a level position. Many burets have the smaller divisions marked by 
a short line only. In reading them some external means must be em- 
ployed for avoiding parallax. A simple device is a loop of paper held 
about the barrel with the top edges together at the ends. This loop is 
moved to a position slightly below the meniscus, and the eye is brought 
to level by moving it until the top edge of the rear portion of the paper 
is just visible; over the top of the front portion. With the eye in this 
position, the reading is made. 

Procedure. Calibration of Buret ,. 2 See that the buret is clean, 
that the stopcock is well greased, and that the capillary tip permits free 
flow of liquid. Withdraw water (note 1) until the level is at or just be- 
low the zero mark. Wait 30 seconds for drainage (note 2), and then 
read the meniscus, estimating its position to the nearest 0.01 ml. Test 
for tightness of the stopcock by allowing the buret to stand for 5 min- 
utes and rereading. There should be no noticeable change. During 
this interval weigh, to the nearest milligram (note 3), a stoppered Erlen- 
meyer flask of 125-ml capacity. 

After tightness is assured, completely fill the buret with distilled 
water which is at room temperature (note 4), open the stopcock, and 
allow the liquid to flow rapidly until all air bubbles are expelled from 
the tip. Continue to withdraw liquid until the level is at or slightly be- 
low the zero mark. After allowing time for drainage, read to the nearest 
0.01 ml. Touch the tip to the wall of a beaker to remove pendent drop 
of water. Place the weighed flask beneath the tip, and withdraw ap- 
proximately 10 ml of water (note 5), taking care to avoid wetting the 
neck of the flask (note G). Remove the last drop from the tip by touch- 
ing it to the wall of the flask. Stopper the flask, allow time for drainage, 
and read the buret. Weigh the flask with water to the nearest milligram. 
Record the results as shown in Table 8. Refill the buret (note 7), read, 
withdraw approximately 20 ml into the same flask, read the buret, and 
reweigh the flask. Proceed in the same way with the 0-30 ml interval 
(note 8). After this observation empty the water from the flask, dry 
the neck with a towel, stopper, and reweigh before introducing the next 
(the 40-ml) portion of water from the buret. Again empty the flask 

2 Directions are given for calibration at 10-ml intervals for the whole range of 
the buret. To save time, calibration may be done only for the ranges 0-25, 0-35, 
0-45 ml, which will cover the portion ordinarily used. Consult the instructor. 
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TABLE 8 

Tabulation of Results for Buret Calibration * 


4 

Initial 

B 

Final 

B — A 
Apparent 
Volumt 
(ml) 

C 

Initial 

D 

Final 

Temper- 

ature 

1) - C 
Weight 
m Air 

(g) 

Volume 

Correc- 

tion 

Reading 

Reading 

Weight 

Weight 

(°Q 


(ml) 

0.44 

10 42 1 

9.98 

43.752 

53.704 

26 

9 952 

9.99 

+0.01 

0.52 

20.55 

20.03 

53.704 

73.687 

26 

19.983 

20.06 

+0.03 


* Assumed values are given for the 10- and 20-ml intervals. 


and weigh before withdrawing the 50-ml portion. Repeat the entire 
series of observations in order to obtain duplicate results. 

Calculate the actual volume of water delivered in each observation 
by multiplying the weight of water in air by the volume occupied by 1 g 
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of water at the temperature of withdrawal (note 9). These data are 
given in Table 9. Subtract the apparent volume, as given by the buret 
readings, from the actual volume in order to obtain the buret correction 
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for each interval. Duplicate results should agree within 0.04 ml (note 
10). If the agreement for any interval is not within this range, repeat 
that observation. Plot the buret corrections as shown in Fig. 1 5. 

TABLE 9 

Volume Occupied by 1 g of Water Weighed in Air with Brass Weights at 

Various Temperatures 


Temper- 

ature 

Volume 

Temper- 

ature 

Volume 

Temper- 

ature 

Volume 

m 

(ml) 

(°C) 

(ml) 

(°C) 

(ml) 

10 

1.0016 

17 

1.0023 

24 

1.0036 

11 

1.0017 

18 

1.0025 

25 

1.0038 

12 

1.0018 

19 

1.0026 

26 

1.0041 

13 

1.0019 

20 

1.0028 

27 

1.0043 

14 

1.0020 

21 

1.0030 

28 

1.0046 

15 

1 .0021 

22 

1.0032 

29 

1.0048 

16 

1.0022 

23 

1.0034 

30 

1.0051 


Notes. 1. The buret should, as left after cleaning, be filled with water. 

2. After liquid is w ithdrawn from a buret, some time must be allowed for drainage. 
In general, 30 seconds is sufficient. The magnitude of the drainage effect may be 
noted by rapidly withdrawing water from a buret and then reading the position of 
tlu‘ meniscus at 10-second intervals until the readings become constant. 

3. Since the buret readings are accurate to only 0.01 ml, it is unnecessary to know 
the weight of water niort* precisely than to 0.01 g. In weighing, the nearest milligram 
is determined in order to insure accuracy to the nearest centigram. Weighing to 
the nearest, milligram requires no determination of rest point. The rider is simply 
adjusted until nearly equal swings on each side of the central point of the scale arc 
obtained. 

4. The temperature must be known since the density of water varies with its 
temperature. Only water which is at room temperature should be used. A frequent 
source of error in calibration is inaccuracy of the thermometer used for determining 
the temperature. 

5. Calibration in 10-ml intervals is sufficiently accurate. 

0. The portion of the flask that comes in contact with the cork should not be 
allowed to become wet, as the cork may absorb water, which will be lost by evapora- 
tion before the weighing. 

7. In practice, a buret is so filled that the initial reading is at or near the zero 
mark. Calibration is consequently performed in the same manner. 

8. After the addition of the 30-ml portion, the flask contains approximately 60 
ml of w T ater (10 + 20 +30 ml). Addition of another portion might make the w r eight 
of flask plus water exceed the capacity of the balance. 

9. The buoyancy correction has been used in compiling the data of Table 9. If 
the true density of wafer, as given in handbooks, is used for computing buret correc- 
tions, it is necessary to correct all observed weights for buoyancy, according to the 
methods on page 31 . 

10. Since each reading may be in error by 0.01 ml, the two readings for one 
calibration may be in error by 0.02 ml. Should the two readings for the duplicate 
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determination also be in error by 0.02 ml, but in the opposite direction, the total 
deviation between the results may be 0.04 ml. Any deviation of this size or greater 
between the two results is probably due to an accidental error, such as leakage 1 from 
buret or insufficient- time for drainage. Notice that nothing has been said about the 
possibility of an error in weighing. The reason is that the weighing is made to the 
nearest milligram, whereas the accuracy needed is only to the nearest 0.01 g. 

Procedure. Calibration of 250-ml Volumetric Flask “To Con- 
tain/’ Clean the flask as directed on page 76. After thorough rinsing, 
clamp it in an inverted position, and allow it to remain until dry. Wipe 
drops of water from the rim with a clean towel. Place the dry stoppered 
flask on the left-hand pan of a balance whose capacity is greater than 
500 g, and counterpoise the flask by pouring copper shot into a beaker 
placed on the right-hand pan (note 1). When the rest point is brought 
near the central point of the scale, note the exact position, lock the beam, 
remove the flask, and replace it by weights sufficient to make the rest 
point coincide with the one previously observed. Record the weight, 
and remove both weights and tare. Place 1 a small funnel in the flask, 
and add distilled water, at room temperature, until the level is at the 
base of the neck. Remove the funnel, taking care to avoid wetting the 
neck above the graduation mark, and till to the mark by adding water 
from a pipet. Move the eye to a position level with the graduation 
mark for the final addition. Should drops of water wet the neck above 
,the mark, remove them by a piece of filter paper wrapped about a stir- 
ring rod. If too much water is added, the surplus may be removed by a 
pipet and the flask refilled. Stopper the flask, and reweigh by the 
method of substitution, as before. From the weight of water and the 
temperature, calculate the true volume contained by the flask. Dry 
the flask, and repeat the determination. Duplicate results should agree 
within 0.1 ml (note 2). 

Note*. 1. The available 1 large balances are not usually designed to give the ac- 
curacy of an analytical balance. Weighing by the method of substitution eliminates 
any error due to inequality of the balance arms. 

2. This is a precision of 1 /2500. Bet ter results are readily obtainable. 

Procedure. Calibration of Pipet. Clean the pipet, and rinse thor- 
oughly. W eigh a stoppered 125-ml Krlenmeyer flask to the nearest milli- 
gram. Place the pipet tip in a beaker of distilled water which is at room 
temperature, and draw up liquid by suction until the level is well above 
the graduation mark. Quickly place the forefinger of the right hand over 
the upper end, while grasping the stem between the thumb and the sec- 
ond finger (note 1). Both the finger and the pipet should be dry. The 
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liquid level will be held constant as long as pressure is applied so as to 
prevent air leakage about the finger. Dry off surplus water on the out- 
side with a clean towel, then place the tip against the wall of a beaker 
(note 2), and allow the liquid level to fall slowly by slightly releasing 
the pressure on the forefinger. Meanwhile, hold the pipet level with 
the eye and keep it in a vertical position. When the meniscus is just 
at the mark, apply pressure on the finger to stop the liquid flow, touch 
the tip to the side of the beaker to remove the pendent drop, quickly 
withdraw the pipet, and place the tip in the weighed flask. Allow the 
water to run into the flask, holding the pipet in a nearly vertical position 
and keeping the tip pressed against the side wall of the flask. Do not 
blow or shake the last portion of water from the tip. Allow to drain for 
20 seconds after the flow of liquid ceases, remove the pipet, stopper the 
flask, and re weigh. From the weight and temperature of water, calcu- 
late the volume delivered by the pipet (note 3). Duplicate results 
should agree within y 0 V 0 -, which, for a 10-ml pipet, is 0.01 ml. Better 
results are readily obtainable. 

Notes. 1. In using a pipet, never grasp the bowl in the palm of the hand, for the 
hand will warm the instrument and its contents, thus causing a change in volume. 

2. Holding the tip against a glass surface prevents the formation of drops which 
may adhere to the tip. 

3. If it is desired to calibrate a pipet to deliver exactly the rated volume, first de- 
termine the volume delivered as graduated. Paste a gummed label along one side 
of the stem, and mark a position estimated to deliver the desired volume. Determine 
thp volume as delivered from this mark. If it does not agree closely with the desired 
volume, measure the distance between the two marks, and compute by linear inter- 
polation the exact position needed for the meniscus. Make a new mark at this point, 
and again test. When the exact position has been determined, cover the stem with 
a thin coat of paraffin, scratch a circle at the desired place, and apply a drop of 
hydrofluoric acid from a waxed stirring rod. Allow to stand in a hood for a time, 
rinse off the acid, and melt the wax by gently warming over a flame. Ask instruc- 
tions before using hydrofluoric acid. It is a dangerous chemical. 

Procedure. Relative Calibration of Flask and Pipet for Aliquot 
Portions . 3 It is often desirable to analyze a definite fraction, known 
as an aliquot portion, of a sample. When the available apparatus in- 
cludes a 50-ml pipet and a 250-ml volumetric flask, an aliquot portion 
is conveniently taken by diluting the solution of the sample in the 250-ml 
flask and withdrawing 50-ml portions w T ith the pipet. To do this ac- 
curately, it is necessary to calibrate the two instruments. A relative 

8 The authors recommend this calibration instead of the absolute calibrations of 
flask and pipet. Practically all student use of the flask and pipet is for taking aliquot 
portions. 
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calibration, as described in the following, requires less time than abso- 
lute calibration of the two separately. A further advantage of relative 
calibration is that the portion taken will constitute an exact ^ fraction, 
whereas, if absolute calibration is employed, it is seldom that the (itched 
volume marks are in exact 5:1 ratios. The method of relative calibra- 
tion is to deliver 5 volumes of water into the flask, from the pipot, and 
to mark the position of the meniscus when this volume is contained in 
the flask. 

Carefully read the instructions for use of the pipet , given in the preceding 
section . Good results are obtained only by rigorous adherence to the 
proper technique. Select a pipet and flask so that the tip of the pipet 
reaches to the bottom of the flask. Clean both, and dry the flask as 
directed on page 82. Deliver into the dry flask five 50-ml portions from 
the pipet. Mark the position of the meniscus by pasting a gummed label 
halfway about the neck. The upper edge of the label is to coincide with 
the meniscus. Empty and dry the flask, and repeat the determination. 

It should be noted that the new mark on the flask is used only when aliquot por- 
tions are withdrawn by the pipet used for the calibration. If aliquot portions are 
to be withdrawn by use of a calibrated buret, the etched mark of the flask is to he used. 

Essential Calibrations. Calibration of all the apparatus described 
in this section is too time-consuming for the student in a beginning 
course. Experience has shown that with the equipment usually avail- 
able in the college laboratory it is sufficient (1) to calibrate both burets 
for the 0- to 25-, 35-. and 45-ml intervals and (2) to calibrate; the pipet 
either relative to the 250-ml volumetric flask or to deliver exactly 50 ml. 
The relative calibration is the easier. In general, flasks are so accurate 
that calibration is not important, but burets and pipets must be cali- 
brated if an accuracy of 1 part per 1000 is to be assured. Even the buret 
calibration may be omitted if care is taken to use the same buret for 
standardization and analysis of solutions, and to employ about the same 
volume in both operations, because the errors in volume will be largely 
canceled in the two titrations. If aliquot portions are to be taken by the 
pipet, a calibration is essential unless very high-grade instruments are 
used. 

Tolerances for Volumetric Glassware. The National Bureau of 
Standards 4 has formulated a list of specifications for high-grade volu- 
metric apparatus. The tolerances which apply to flasks, burets and 
transfer pipets are reproduced in Table 10. 

4 Natl . Bur. Standards Circ ., 9 , 1910 . 
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TABLE 10 

Bureau of Standards Tolerances for Volumetric Glassware 
Capacity up to 

and Including Limit of Error 


Flasks 


25 ml 

0.03 ml 

50 

0.05 

100 

0.08 

200 

0.10 

300 

0.12 

500 

0.15 

1000 

0.30 

2000 

0.50 


Burets 

5 ml 

0.01 ml 

10 

0.02 

30 

0.03 

50 

0.05 

100 

0.10 

Transfer Pi pets 

2 ml 

0.006 ml 

5 

0.01 

10 

0.02 

30 

0.03 

50 

0.05 

100 

0.08 


THE TECHNIQUES OF VOLUMETRIC ANALYSIS 

The material of this section is to be used in conjunction with the vari- 
ous exercises selected for class use and is not repeated in detail for the in- 
dividual determinations. 

Certain operations occur in almost every volumetric analysis. Much 
of the success of the analysis will depend on the skill of the analyst in 
these operations; much of his skill will depend on a proper technique. 
The following general directions should be carefully studied and applied 
to the various analyses performed. 

Dilution of Solutions to Volume, When only a portion of a solu- 
tion is to be used in a determination, it is necessary to dilute the whole 
solution to a definite volume and to take a known fraction of that vol- 
ume for the determination. The known fraction taken is called an 
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“aliquot portion.” Dilution to volume is done in a volumetric flask. 
The portion for analysis is measured out either by a pipet or by a buret. 
A pipet is in general preferable, but. the buret may be specified in certain 
determinations where the solution itself may be used for back titration 
(see page 90). 

Procedure. Place a small funnel in the volumetric flask, and care- 
fully pour the solution from a beaker into the funnel with a stirring rod 
held across the lip of the beaker. When all the solution has been trans- 
ferred, w r ash the inside of the beaker, while still holding it in the pouring 



Fig. 16. Transfer of solution to volumetric flask. 

position, with a stream of water from a wash bottle. The relative positions 
of the beaker, stirring rod, funnel, and wash bottle are shown in Fig. 10. 
When the entire inside wall of the beaker has been well washed, direct 
a stream of water onto the outside of the lip, to remove any drops that 
may have crept past the rim. Now rinse down the inside of the funnel, 
then slowly remove it from the flask, and wash the outside of the stem 
with a little water. The total volume of water in the flask at this point 
should not exceed nine tenths of its capacity. Stopper the flask, invert 
it while holding the stopper tightly in place, and shake. Repeat the 
inversion and, shaking two or three times, then add water until the 
level stands a few millimeters below the graduation mark. Complete 
the addition of water with a pipet, holding the eye level with the gradua- 
tion mark and allowing water to flow in very slowly. Take care that 
droplets of water do not adhere to the neck above the graduation mark; 
this is indication of a dirty flask. When the liquid level stands just at 
the graduation mark, stopper the flask, invert and shake, return to an 
upright position, and again invert and shake. The air space will allow 
enough room for thorough mixing, but only when the flask is inverted 
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In shaking a filled flask, rest the stopper on the left hand while holding 
the bulb in the right hand. Shake by a horizontal motion of the bulb. 

Care must be taken that all water used for dilution is at room tem- 
perature and that the final temperature is known. When the aliquot 
portions are withdrawn, the solution must be at the same temperature 
as that at which the dilution was made. 

Preparation of Known Volume of Solution from a Solid 
Sample. It is frequently necessary to prepare a known volume of 
solution from a solid sample. In the usual case the sample for student 
use is soluble in water. The desired weight of sample is measured out, 
as directed in Chapter 3, and is transferred to a small beaker. Water is 
added, care being taken to avoid splashing or blowing out of solid 
particles, and the sample is brought into solution. The resulting solu- 
tion is then quantitatively transferred to the volumetric flask, as di- 
rected in the preceding section. 

Transfer of Aliquot Portion by Pipet. The pipet must be clean, 
and all excess moisture must be shaken from the tip. Wipe the outside 
of the tip dry with a clean towel. Insert the pipet into the solution, and 
by suction with the mouth draw up enough liquid to stand at the lower 
end of the bulb. Quickly place the forefinger of the right hand over the 
stem, while holding the stem between the thumb and second finger of 
the right hand, and remove the pipet from the flask. Incline the pipet 
so that all portions of the walls of the bulb are wet by the liquid, and 
then discard this rinse liquid, shaking the last drop from the tip. Repeat 
the rinsing. The two rinsings should not require more than 10-15 ml of 
solution. 

Insert the pipe! in the liquid, letting the tip reach nearly to the bot- 
tom, and by suction draw up liquid until the level stands well above the 
graduation mark. Quickly place the forefinger over the stem, and with- 
draw the pipet from the flask. Wipe off the outside of the tip with a 
clean towel (or filter paper), and hold the tip back in the flask against 
the wall, but above the liquid level. Bring the graduation mark on the 
pipet level with the eye, and by slowly releasing the pressure on the fore- 
finger allow the liquid level to fall until the meniscus stands just at the 
graduation mark. Stop the liquid flow at this point, quickly remove the 
pipet, and introduce it into the receiving vessel. Hold it in a nearly 
vertical position, with the tip against a wall of the vessel. Remove the 
forefinger, and allow the liquid to flow. Keep the pipet in position for 
20 seconds after delivery, to insure thorough drainage, and then remove 
it from the receiving vessel without shaking or blowing the residual 
liquid from the tip. If several portions are desired, it is not necessary 
to rinse between measurements. When the transfers are completed, 



88 Methods and Apparatus 6 

rinse the pipet well with distilled water, and place in a stand to drain. 

If the pipet and flask have been relatively calibrated, make certain 
that the solution in the flask was diluted to the proper calibration mark 
before taking any portion. 

Transfer of Aliquot Portion by Buret. In certain tit rations, it is 
desirable to over-run the end point and to back-titrate. When the 
solution of a sample may be used for back titration, it is desirable to 
withdraw aliquot portions from a buret, so that the total volume used 
will be noted after the titration is completed. No effort is then made to 
obtain an exact aliquot, such as 5 -, but approximately 40 ml of the sam- 
ple is run into a flask and is titrated by the appropriate reagent. Addi- 
tional amounts of solution are added from the buret to the flask, as 
needed for back titration. When the end point is reached, the total 
volume of solution used is noted. The operations of transfer to the 
buret and withdrawal from the buret are described in the following 
sections. 

Filling Buret. The cleaned buret, when not in use, is filled with 
distilled water. When it is ready to use, open the stopcock, and allow 
the water to flow' into a beaker. When all the water has run out, except 
that standing in the tip, close the stopcock, remove the buret, from its 
holder, and pour the desired solution directly 5 from the reagent bottle 
into the buret. The buret is held in the left hand, the reagent bottle in 
the right hand. The stopper of the bottle is held between the second 
and third fingers of the right hand so that the plug is kept clean. The 
lip of the reagent bottle must be wiped with a clean towel before any 
liquid is poured. Pour about 5 ml of solution into the buret, and rinse 
the inside walls thoroughly by holding a. finger over the top and manipu- 
lating the buret so that all portions of the wall are w r et by the solution. 
Allow the rinse liquid to run out through the tip. Repeat the rinsing 
three times, with 5-ml portions each time (note). Now fill the buret 
to a point 2-4 cm above the zero graduation mark, and replace in the 
stand. Open the stopcock, and allow liquid to flow through rapidly, to 
fill the tip completely, then nearly close the stopcock, and allow* the 
liquid level to fall slowly until it is just at or just below the zero mark. 
Rinse or wipe off the tip. The buret is now ready for use. Allow time 
for drainage before taking the reading. 

6 Some burets are of such small bore that one cannot pour into them from a 1-1. 
bottle without spilling liquid. For such the solution is transferred by means of a 
small beaker or by use of a small funnel. If cither method is to be used, care must 
be taken to avoid dilution or contamination of the solutions. Neither method should 
be used by students unless the instructor gives specific approval. 
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Note. Three rinsings with 5-ml portions will insure quantitative removal of the 
remaining water. If a volume of 1 ml remains in the tip (actually much less than 
this volume will remain), the addition and draining out of 5 ml of reagent will remove 
five sixths of the residual liquid, or one sixth will remain after the first rinsing. 
Three rinsings will reduce the amount of foreign liquid to (^-) 3 or ml. 

Titration. The conditions for titration vary somewhat with the 
type of indicator employed to show the end point and with the type of 
solution undergoing reaction. In some titrations, care must be taken to 
add reagent just to the point of color change which shows the end point 
and not to over-run the end point. In others reagent A may be rapidly 
added unt il the end point is passed, and then reagent B, which will react 
with reagent A, is added to bring the solution back to the end-point 
condition. In the second case the addition of reagent after the end point 
is passed is known as back titration. If the indicator employed will 
show a sharp end point without back titration, this process is seldom 
used. Both cases are discussed in the following sections. 

1 . Deadstop end point. The measured volume of sample to be titrated 
should be in solution in an Erlenmcyer flask. The wide-mouth type of 
flask is preferable. The volume of solution depends on the particular 
determination. The flask should be large enough so that at the conclu- 
sion of the titration it is not more than two thirds full and so that the 
solution may be mixed by swirling the contents without danger of loss. 

Wipe off any pendent drops from the buret tip, place the flask below 
the buret, and lower the buret until the tip just projects into the neck of 
the flask. Bead the position of the meniscus, and record the value in the 
notebook. Add the proper amount of indicator solution to the titration 
vessel. The buret should be turned so that the stopcock handle is on 
the right-hand side, as the operator faces it. A white background should 
be provided, either by a white tile, or by paper or a towel placed on the 
table beneath the sample flask. Encircle the barrel of the buret with 
the left hand so that the stopcock handle can be easily manipulated by 
the thumb and first two fingers. Grasp the neck of the titration flask 
with the thumb and first two fingers of the right hand. Gently swirl 
the contents of the flask by imparting a rotary motion; avoid any vigor- 
ous shaking and splashing. While continuing to swirl the solution, open 
the stopcock and let liquid flow in rapidly from the buret. When a color 
change begins to appear, close the stopcock, and continue to mix the 
solution until the color is that of the original solution. Now add reagent 
from the buret more slowly, and, as the end point is approached, as 
shown by the sIoav change of color when the solution is mixed after each 
addition of reagent, add reagent a drop at a time. At the last, half-drop 
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portions may be taken by allowing a drop partly to form on the tip, 
then touching the tip to the wall of the flask, and allowing the excess 
liquid to run down the wall. The end point is reached when the addi- 
tion of a half-drop or a drop will cause a permanent color change. At 
this point read the buret, after allowing drainage time (usually the 
search for the end point will automatically give sufficient time for 
drainage). Confirm the end point by the addition of another drop. If 
the first point has been prematurely taken, the addition of another drop 
of reagent should cause a still sharper color change. 

2. Back titration . The titration is carried out just as in the previous 
case, except that no care is taken to avoid over-running the (aid point. 
After the end point is passed, there is added, from another buret, a solu- 
tion that will react with the excess of the reagent used for the titration. 
The end point is successively passed, in both directions, until the addi- 
tion of one drop of reagent will cause a sharp color change. At this point 
the buret readings are taken. The reagent for the back titration may be 
any substance that will react with the standard solution used for the 
analysis, the concentration of which is accurately known in terms of the 
standard solution; usually a solution of the sample to lie analyzed is 
taken for the back titration. For example, if a solution of sodium hy- 
droxide is to be analyzed by titration with hydrochloric acid of known 
strength, the base solution is put in one buret and the acid solution in 
another. Approximately the desired amount of the base solution is run 
into a flask, then acid is added in excess, and finally additional base 
solution is used for back titration. 

Determination of Indicator Blank. In many titrations it is neces- 
sary to make a correction for the amount of reagent needed to affect the 
indicator. This volume of reagent is known as the indicator blank. It is 
determined as follows: To a volume of distilled water equal to the final 
volume of solution at the end point there are added all reagents used in 
an analysis except the constituent whose determination is sought. Indi- 
cator is added, and the solution is titrated with standard reagent to the 
same end point as that obtained in an analysis. 

Precision. The student should understand the precision that may 
be obtained in the volumetric operations that have been described. The 
precision obtained in a titration is governed by the volume of solution 
employed. Two buret readings, each accurate to 0.01 ml, are needed. 
If we assume the error in location of the end point to be ±0.05 ml 
(1 drop), the total variation may be 0.05 + 0.02 (for the two buret read- 
ings). The larger the volume of reagent, the smaller the error in parts 
per 1000. But if a 50-ml buret is used, the volume should not exceed 
this amount, for otherwise it will be necessary to refill the buret, thereby 
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introducing additional errors. Therefore the size of sample and strength 
of reagent are so chosen that a titration will require about 40 ml of 
reagent. The total error will then amount to 0.07 in 40 ml, or 7 parts 
in 4000. On the average, the precision will be nearer to 1 part per 1000, 
because there will be some cancellation of the accidental errors. In the 
operations of diluting the sample to volume and taking aliquot portions, 
the error will in general be less than j 0 1 () () if the pipet and flask have 
been calibrated and if the temperature is the same for mixing the solu- 
tion in the flask and for withdrawing aliquot portions. 

Precautions. The following precautions are specifically to be ob- 
served in the use of volumetric apparatus. 

1. See that the apparatus is clean. If drainage is not complete, accu- 
rate measurements cannot be made. 

2. Carefully rinse the buret and pipet with the solutions to be meas- 
ured, to avoid dilution of the solutions. 

3. Csing care in miring solutions diluted in a volumetric flask or pre- 
pared in bottles is essential. Failure to do this is a very common student 
error. 

4. The temperature must be the same for the withdrawal of aliquot 
portions as for dilution to volume. 

5. Solutions must not be allowed to stand overnight in a buret. If 
it is necessary to leave a solution for a period of some hours, the buret 
must be capped with an inverted test tube to prevent evaporation. 
After a buret has been standing, the tip should be flushed with fresh 
solution before any titration is made. 

(). When not in use, the buret must lie left filled with distilled water 
or inverted in a beaker of water. An empty buret quickly becomes dirty. 

7. A sufficient and uniform drainage time must be allowed for all 
measurements of volume. 

8. A good light and a white background are necessary for accurate 
titrations. 

9. Use properly calibrated equipment. 

10. Parallax must be avoided in reading all volumes. 


OPERATIONS OF VOLUMETRIC ANALYSIS 

The objective in all volumetric analyses is to determine the amount 
of standard solution required for reaction with a known amount of the 
sample to be analyzed. The general operations required are: (1) Prep- 
aration and standardization of a solution, (2) selection and preparation 
of the sample, and (3) titration of the sample. 
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Concentration. No generalization can be made as to the strength 
desirable for standard solutions. The lower limit which can be used 
depends on the sensitivity of the indicator available for titrations. It 
is not feasible to employ solutions of such low concentration that more 
than 1 or 2 drops of reagent are required to affect the indicator, because 
any gain resulting from the use of larger volumes is offset by uncertainty 
as to the correct end point. Use of concentrated solutions is likewise 
undesirable, because large samples would be required for the analysis so 
that a sufficiently large volume of reagent; could be used to insure the 
desired precision. Between the two extremes is the range of concentra- 
tions lying from 0.001 N to 1 N. More use is probably made of 0.1 N 
solutions than of those of any other concentration, because these solu- 
tions demand moderately small samples and are yet sufficiently con- 
centrated to give sharp end points with the indicators ordinarily em- 
ployed. 

Preparation of Solution. If the reagent is a substance which can 
be obtained in a condition of known purity, it may be used for the direct 
preparation of a solution of known concentration. An accurately 
weighed sample is dissolved, or an accurately measured sample, if it is 
available as a solution, is transferred to a volumetric flask and diluted 
to exact volume as directed in the previous section. The strength of the 
resulting solution is known with the same accuracy as the strength of 
the reagent and the volume of the flask. 

Direct preparation of a standard solution is not ordinarily feasible 
because the available reagents are not usually substances of known 
purity. It is customary, therefore, to prepare a solution of approxi- 
mately the desired concentration and to standardize this solution by 
comparison with a reagent of known strength. 

Standardization. Standardization is done by comparison of the 
solution with some substance of known analysis. Either a primary or a 
secondary standard may be used, but in general primary standards are 
advisable, if any are available, because every additional comparison 
increases the possibility of error. 

A suitable substance for a primary standard must, of course, be a 
reagent whose reaction with the solution to be standardized satisfies the 
general requirements for volumetric analysis. Moreover, a primary 
standard must be a substance of known purity and definite chemical 
composition , and it must be stable at the temperature employed for dry- 
ing. Hygroscopic substances are not desirable because of the difficulty 
of weighing out samples without contamination by moisture absorbed 
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Preparation of the Sample 

from the air. Hydrated substances are not often employed, because it 
is difficult to remove surface moisture without effecting partial decom- 
position and thus leading to a substance of unknown purity. It is de- 
sirable that the standard have a high equivalent weight , in order that 
errors in weighing shall be reduced. Since the precision in weighing is 
0.2 mg, it is necessary to employ samples weighing at least 200 mg 
(0.2 g) in order to attain an accuracy of xcnro . (Low equivalent weight 
is, however, not a serious objection, because large samples may be 
weighed out and dissolved, and aliquot portions of the solutions used 
for the standardization.) The sample must be soluble under the condi- 
tions of the analysis. Finally, it is often desirable to take as standard 
an analyzed sample of the constituent for whose analysis the solution is 
intended. Too often the end point does not exactly coincide with the 
stoichiometric point. If the error from this source can be made of the 
same magnitude in standardization as in analysis, the accuracy is in- 
creased. Because of this effect, it is desirable also that the volume of 
reagent be approximately the same in the titrations of standardization 
and of analysis. 

In standardization, a weighed portion of the pure dry primary stand- 
ard is dissolved and titrated with the solution to be standardized, accord- 
ing to the procedure necessary for the particular reaction. The weight 
of standard should be such that a volume of 35-45 ml of reagent is re- 
quired for titration, in order to minimize the errors of reading the burets 
and of determining the end point. From the volume of reagent taken 
and the weight of standard, the concentration of the reagent is calcu- 
lated. 

Preservation of Standard Solutions. Standard solutions must be 
stored in stoppered containers, in order to prevent evaporation of 
water and attendant changes in concentration. Solutions for student 
use, which are required for only a few determinations, may be kept in 
small stoppered bottles. Laboratory reagents which are kept as stand- 
ards for long periods of time are conveniently stored in bottles fitted 
with siphon delivery tubes of glass. Many standard solutions are 
affected by light; they must be stored in black or amber bottles. 

Preparation of the Sample 

General directions for the preparation of samples are given in Chap- 
ter 5. The sample prepared for a volumetric analysis is generally a 
solution containing an amount of the constituent to be determined that 
will require 35-45 ml of the standard solution for its titration. 
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In preparing his sample, the analyst often may choose between 
weighing out individual portions for each determination or weighing 
out a single large sample and taking aliquot portions for analysis. From 
the viewpoint of the proportionate error introduced in the weighing of 
the sample the latter procedure is preferable because of the size of 
sample; this reduction of error may be counterbalanced by the errors 
of dilution and removal of aliquot portions. It is also true that, ii an 
error is made in recording the weight of the large sample, all the subse- 
quent titrations are in error, even though quite satisfactory checks are 
obtained for the various aliquot portions. If the sample is likely to be 
slightly heterogeneous, the use of a large sample and aliquots is almost 
necessary to obtain checks. Many analysts prefer to use the method tor 
any sample which dissolves readily and leaves no insoluble residue. 


Titration of Sample 

General directions for the technique of titration have been given. In 
the laboratory directions specific instructions for the selection of the 
indicator, temperature of the titration, speed of addition of reagent, 
exclusion of air, and so on, will be provided, and the more probable 
sources of error will be pointed out. The student should read the gen- 
eral directions on page 89 before making any titration, in order to 
avoid gross errors in technique. 

When aliquot portions are used, instead of individual weighed samples 
for each titration, the method of taking the aliquot portion will be gov- 
erned by the necessity for back titration. When back titration is un- 
desirable, it is preferable to take aliquot portions by means of a pipet. 
When back titration is needed, and the sample solution is suitable for 
this purpose, the aliquot portion is more conveniently measured from 
a buret. 

ERRORS IN VOLUMETRIC ANALYSIS 

In each analysis studied, reference is made to the errors peculiar to 
that determination. Many of these are errors which are common to all 
volumetric procedures; they are of two types, determinate and inde- 
terminate, as discussed in Chapter 4. The volumetric errors of most 
frequent occurrence are listed in Table 1 1 . 

Of the determinate errors, the most probable ones are associated with 
the concentration of the standard solution taken for the analysis. Even 
if this has been correctly standardized, the concentration may change 
before the solution is actually used for analysis. Various types of de- 
composition may occur, as is noted in the study of certain procedures. 
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TABLE 11 

Occurrence in Volumetric Analysis 


Errors of Frequent 
Determinate 

1 . Calibration of apparatus. 

2. Incorrect standardization value. 

(a) Purity of standard uncertain. 

(b) Decomposition of solution. 

(c) Temperature changes. 

3. Indicator errors. 


Indeterminate 

1 . Error in weighing. 

2. Loss of sample or solution. 

(a) Leaky buret. 

(b) Loss during transfer. 

3. Imperfect mixing of solutions. 

4. Dilution or contamination of solu- 

tions within burets, etc. 

5. Insufficient buret drainage. 

6. Misjudged end point. 


Changes in temperature may account for small but definite errors, a 5° 
temperature change causing a volume change of 1 part per 1000. Be- 
cause of this effect, the temperature should be noted for every titra- 
tion. Particular care should be taken that all dilutions to definite vol- 
ume are made with water which is at room temperature and that the 
solution is used at the temperature at which dilution was made. The 
same indeterminate errors may occur in standardization as in analysis 
and may markedly affect the accuracy of the standardization value. 
Indicator errors also may be serious. This factor is discussed in each of 
the procedures studied. It is often very difficult to select an indicator 
whose end point will coincide with the stoichiometric point. 

The indeterminate errors listed need little further comment, except 
the statement that, all of them may be caused by careless work and all 
may be largely eliminated by careful work. In general, it may be stated 
that the number of transfers, dilutions, and titrations should be kept at 
a minimum, since every operation increases the probability of error. 
The greater the number of duplicate determinations made, the smaller 
is the average indeterminate error. 


QUESTIONS 

1. Aside from the fact that no indicator may be available, what objections are 
there to the use of the following reactions as the basis for volumetric determinations? 

(a) Copper + nitric acid. 

(b) Ethyl alcohol + acetic acid. 

(c) Stannous chloride + mercuric chloride. 

2. Why is it necessary to calibrate volumetric glassware? Why can the calibration 
of a buret be omitted if the buret is to be used for both a standardization and an 
analysis with the same solution? In general, what is the minimum amount of calibra- 
tion that will permit accurate work? 
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3. Why is water chosen as the calibrating liquid for most apparatus? What 
special precautions must be exercised if a bund, which has been calibrated with water 
is used for measuring a viscous liquid, such as a concentrated solution? 

4. What is the advantage of calibrating in intervals measured from zero rather 
than withdrawing successive 5- or 10-ml portions and weighing each portion? 

5. Why is it unnecessary to dry the Erlenmeyer flask used for weighing water in 
the buret calibration? Why is it important to see that no drops of wafer adhere to 
the inside of the flask, near to the to})? 

6. Describe the procedure for withdrawing a measured aliquot portion by means 
of a pipet. What calibrations are needed if this method is followed for aliquot 
portions? 

7. Describe the procedure for withdrawing aliquot portions by means of a buret. 
What calibrations are needed? 

8. Two calibration marks are sometimes used for a volumetric flask, one for the 
absolute volume contained and the other for the volume relative to a pipet. When 
should the flask be filled to each mark? 

9. Why should a buoyancy correction not bo applied for the weight of the container 
for weighing water, in the buret calibration? 

10. If a solution has been diluted to volume and mixed at 25°C what change will 
be noted if the temperature changes to 28 °C? How may an accurate aliquot portion 
be withdrawn if the room temperature has changed after the solution has been 
diluted to volume? 

11. In the use of a buret, what advantage is there in adjusting the volume exactly 
to zero before beginning a titration? What disadvantage is there in this procedure? 

12. Why are burets cleaned by inverting them in cleaning solution rather than 
filling the upright burets with the solution? 

13. Why is it desirable to have graduat ion marks on a buret extend at least halfway 
around the tube? 

14. Why is ±0.04 ml set as the outside limit within which buret calibrations must 
check? 

15. Why are the weighings in a hurt*! calibration made to the closest milligram 
rather than to the closest 0.01 or 0.0001 g? 

16. Why is the calibration of the 250-ml volumet ric flask not done on the analytical 
balance? Why is the method of weighing by substitution used? 

17. A flask contains 250.1 ml of water at 21 °C. If the expansion of glass is neg- 
lected, what volume will the flask contain at 30 °C? 

18. List the requirements for a primary standard. 

19. What is meant by a “blank determination”? Should every volumetric deter- 
mination be accompanied by a blank? Under what conditions may exceptions be 
made? 

20. What are the advantages of standardizing a solution by the substance for 
whose analysis the solution is intended? Can this procedure always be followed? 
Why? 

21. Why is it often desirable to weigh out a large sample and use aliquot portions 
for an analysis rather than to weigh out individual portions of the sample for each 
titration? 

22. The following values were obtained in the standardization of a freshly prepared 
solution: 

0.1037, 0.1045, 0.1053, 0.1060, 0.1065. 


Would you consider the results reliable? Why? Suggest a cause for these results. 
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23. Might a buret be calibrated by successive additions of water from a calibrated 
pipe!? Why? Why, then, is this procedure valid for the calibration of a flask? 

24. Describe the various methods given for elimination of parallax. 

25. A buret calibrator is a modified pipet which is attached to the tip of a buret so 
that water withdrawn from the buret is forced up into the pipet. The volume de- 
livered by the calibrator is first determined, and then successive portions are with- 
drawn from the buret to fill the calibrator. For each buret interval the apparent 
volume withdrawn is noted. Is it necessary to know the temperature when this 
method is used? Why? Are the errors in buret readings cumulative or not? Is the 
error in knowing the volume of the calibrator cumulative or not? Explain. Must 
the calibrator be wet or dry at the beginning of the calibration? Explain. How 
might drainage errors affect the accuracy in use of a calibrator? 


PROBLEMS 

1. A 2000-ml volumetric flask is to be calibrated with water, and results must check 
within To\) o* ^ the position of the meniscus can be read within ±1 ml, how sensitive 
should the balance be which is used for the weighings? 

2. The internal diameter of the neck of a 100-ml volumetric flask is 14 mm. The 
position of the meniscus can be read to within ±0.2 mm. If the only error in the 
calibration is in the estimation of the meniscus position, how closely should duplicate 
calibrations agree? 

3. A 10-ml microburet is calibrated in 0.01 -ml divisions and can be read to 
dtO.OOl ml. If water is to be used as the calibrating liquid and the only error to be 
considered in setting the tolerance limit for checks is to be the meniscus reading error, 
how carefully should the water be weighed? 

4. Repeat Problem 3 if mercury (density = 13.5 g/ml) is used as the calibrating 
liquid. 

5. From the following data find the correction for the 0-10-ml interval of a buret: 


Initial reading 0.17 ml 

Final reading 10 . 25 ml 

Weight of flask 50 . 632 g 

Weight of flask + water 60.649 g 

T emperature 24 °C 


6. The thermometer used in the previous calibration reads 3° too high. What 
is the true correction for the 0-10-ml interval? What error in parts per thousand is 
introduced by the temperature error? 

7. At- 23 °C a 50-ml pipet delivers 49.754 g of water weighed in air with brass 
weights. What- is the calibration correction for the pipet? 

8. If the expansion of glass is neglected, what weight of water will the pipet deliver 
at 30 °C? 

9. Repeat Problem 8, but. consider the expansion of the glass. 

10. Determine the correction for a 250-ml volumetric flask from the following: 

Weight of water contained 249.00 g 

Temperature 25 °C 

11. What is the volume of this flask at 20 °C? 

12. An unmarked volumetric flask is to be calibrated to contain exactly 100.0 
ml. The empty flask is weighed on the balance. What additional weights should 
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be placed on the pan for the correct amount of water weighed in air with brass 
weights at 20 °C? 

13. Repeat Problem 12, but use mercury whose density in vacuo at 20 °C is 
13.5461 g per milliliter. 

14. A flask is to contain 200.0 ml at 20 °C. It is to be calibrated with w r ater at 
25 °C; if the expansion of glass is neglected, what weight of water determined in 
air with brass weights should be put in the flask? 

15. Repeat Problem 14 considering the expansion of the glass. 

16. The neck of a 250-ml volumetric flask is 18 mm in internal diameter. At 
20°C the correction for the flask is —0.1 ml. If an amount of water at 20 °C corre- 
sponding to a mass of 250.0 g in vacuo is placed in the flask, what is the position of 
the meniscus with respect to the mark? 

17. Repeat Problem 16 for an amount of water corresponding to 250.0 g of water 
weighed in air with brass weights. 

18. From the factor for 25 °C in Table 9 compute the density of water in vaeuo 
at this temperature. 

19. Derive the factor similar to those of Table 9 for water at 33 °C where its density 
in vaeuo is 0.99473 g per milliliter. 

20. Derive a factor similar to those of Table 9 which could lx? used for mercury 
and brass weights at 20 °C. At this temperature the density of mercury in vacuo 
is 13.5461 g per milliliter. 

21. After suitable rinsing a 50-ml pipet full of solution is withdrawn from a 250-ml 
volumetric flask. This aliquot portion is shown to contain 0.0502 g CaO. How 
many grams of CaO are present in the whole sample if the true volumes of the 
pipet, and flask are 50.05 and 219.7 ml, respectively. How might some of the calcu- 
lation of this problem been eliminated by use of different, methods of calibration? 

22. What is the percentage increase in volume as 1.000 1. of water at 18°C is heated 
to 28 °C? 

23. A buret calibrator (see Question 25) delivers 9.95 ml. It is attached to a 
buret, and the following readings are taken for successive fillings of the calibrator. 
Compute the correction for each interval in the buret and the total correction to be 
applied at volumes of 10, 20, 30, 40, 50 ml. Plot the buret corrections. 

Buret readings: 0.02, 9.98, 19.93, 29.92, 39.90, 49.91. 
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Neutralization I. Methods and 
Calculations 


The material of this chapter is to be studied concurrently with the 
laboratory exercises selected from Chapter 8. The general discussion 
given herein is separated from the laboratory exercises in order to facili- 
tate the use of the text as a laboratory manual and to provide in one 
place a survey of the various applications of acidimetric methods. 


METHODS 

The determinations of the amount of acid or base in a sample, by 
titration of the sample with a standard base or acid are known, respec- 
tively, as acidimetry or alkalimetry. These two processes are applicable 
to analyses of most acids and bases. In addition, many salts of weak 
acids may be analyzed by titration with a strong acid. 

The essential reaction in all acidimetric or alkalimetric processes is 
the neutralization of hydrogen or hydroxide ion, with formation of 
water or of some other weak electrolyte. Neutralization reactions 
satisfy the requirements of volumetric determinations, since the reac- 
tions are instantaneous; they proceed practically to completion; and 
ihe completion of the reaction can be detected by available indicators. 


Standard Solutions 

Most of the reagents from whirfi acid and base solutions are prepared 
are obtained either as concentrated solutions whose strength is not 
accurately known or as solids of unknown purity. Since the concentra- 
tion of standard solutions must fie accurately known, to within 1-3 
parts per 1 000, the direct preparation of a standard acid or base solution 
is not possible. It is customary, therefore, to prepare solutions of ap- 
proximately the desired concentration and to determine the exact 

99 
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strength of these solutions by standardization. It is seldom necessary 
to prepare solutions of exactly a given strength, but, if this is desired, it 
can readily be done by first preparing a solution slightly stronger than 
the desired concentration and then diluting it to the desired strength 
after its concentration is accurately known. 

The concentration of a standard solution is determined by the purpose 
for which it is intended. Most acid or base solutions are made at con- 
centrations of 0.1 to 1 .0 normal. Stronger solut ions are seldom required. 
If more dilute solutions are needed, they may be prepared by quantita- 
tive dilution of a more concentrated standard solution. 

Either an acid or a base might serve as a permanent reference standard 
in a laboratory, but, because of the greater ease of preservation, an acid 
solution is always selected for this purpose, if one accurately stand- 
ardized solution is available, it is easy to determine the strength of other 
acid or base solutions, by direct or indirect comparison with the stand- 
ard solution. 

Acids. Several factors must be considered in selecting an acid as a 
permanent standard: 

1. The solution should be stable when it is exposed to light. 

2. The solute should not be exceedingly volatile, since escape of vapor 
would cause the concentration to change. 

3. The acid should not be a strong oxidizing agent which might, during 
a titration, decompose the organic substances which are used as indica- 
tors. 

4. The acid should be one whose salts are soluble. 

5. Strong acids are desirable, since weak acids cannot be used for the 
titration of solutions of weak bases. Furthermore, the choice of indica- 
tor is limited when a weak acid is employed for a titration. 

Hydrochloric and sulfuric acids are the ones most often used as 
standard solutions. Nitric acid is sddoin .used fu r a s t a nda r d solut ion, 
because of, it s o xidizin g properti es and-ii^ui nstnbility wh en he a ted or . 
exposedJta light- Various organic acids are used as standards under 
special conditions. The best perr panent standard solution-la a constants 
boiling h yxlxochloric aeid- s olution (described in the next chapter). 
Suchjj solution can-be kept almost i ndefinitely, because the vapor pres r 
sure of the acid and water is such that e vaporation does not ch ange the 
c oncentration . .The solution is concentrated but may be used to prepare 
dilute solutions as needed, merely by weighing out the desired quantity 
and diluting to a predetermined volume. 

Bases. Sodium, potassium, and barium hydroxide are the only 
readily available strong bases whose solubility is sufficiently great to 
permit their use in the preparation of standard solutions. Of these, 
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sodium hydroxide is most widely used. Potassium hydroxide offers no 
advantages, as compared with sodium hydroxide, and it is somewhat 
more expensive. Barium hydroxide is not sufficiently soluble to be used 
for solutions more concentrated than approximately 0.05 N, but it is 
often used for the preparation of dilute basic solutions which must be 
free of carbonate. Because of the insolubility of barium carbonate, a 
solution of barium hydroxide will show, 
by a precipitate, if carbon dioxide has 
come into contact with the solution. 

Sodium hydroxide, in the solid form, 
is always contaminated by absorbed 
moisture and by sodium carbonate. In 
addition, there are small amounts of im- 
purities such as sodium chloride, sulfate, 
and silicate. For most purposes none of 
the impurities except carbonate will 
cause any interference in the use of the 
reagent in standard solutions. The pres- 
ence of carbonate in standard base solu- 
tions is not harmful, if the solutions are 
to be used for titrations of strong acids; 
but, when the solutions are to be used 
for titration of weak acids, with phenol- 
phthalein indicator, it is expedient to 
remove nearly all the carbonate. This 
may be done in several ways, including 
precipitation by barium oxide or chlo- 
ride. The most convenient method is to 

prepare a 1 : 1 solution of the base and to remove most of the carbon- 
ate, which is slightly soluble under these conditions, by filtration 
through a Gooch crucible or by decantation of clear liquid. The clear 
concentrated solution contains only a small amount of carbonate and 
may be diluted with boiled water to give a satisfactory reagent. Car- 
bonate-free solutions must be protected from carbon dioxide of the 
atmosphere. The apparatus shown in Fig. 17 is simple and effective. 
Carbon dioxide is removed from the entering air by passage through 
a guard tube filled with soda lime or Ascarite. 1 A stopcock is between 
the absorption tube and the standard solution, to prevent diffusion of 
water vapor to the absorbent. In student work, the solution may be 



Fig. 17. Storage of carbonate- 
free base solution. 


1 Soda lime is a mixture of sodium hydroxide and calcium oxide. It is usually 
provided in the form of small pellets suitable for use in absorption tubes. Ascarite 
is the trade name for asbestos fibers impregnated with sodium hydroxide. 
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stored in a stoppered bottle and poured into the buret as needed; the 
amount of carbon dioxide absorbed in the limited exposure to air will 
not cause a noticeable error. 


St andardization 

A large number of substances are available for primary standards in 
acidimetry-alkalimetry; only a few of those more widely used are dis- 
cussed here, inasmuch as these are sufficient to take care of almost any 
need. Since both an acid and base solution are generally prepared, it 
makes no difference which is compared with the primary standard when 
the solutions are intended for general laboratory use. The normality of 
the solution not compared with the primary standard can be easily 
determined from the ratio of the strengths of the acid and base solutions. 

When a solution is prepared for the analysis of a particular substance, 
then the standard is best chosen to correspond with the conditions that 
will prevail in the analyses. For example, if a sodium hydroxide solu- 
tion is to be used chiefly for the analysis of samples of acetic acid, it is 
preferable to standardize by potassium acid phthalate (a weak acid of 
strength comparable to that of acetic acid) rather than by constant- 
boiling hydrochloric acid. Similarly, an acid solution which is to be 
used for the analysis of carbonate samples is best standardized by 
sodium carbonate. 

Potassium Acid Phthalate (KIICRH 4 O 4 , mol wt 204.2). This is 
probably the best generally available primary standard. Assayed sam- 
ples of purity 99.95 per cent or better can be obtained from the Bureau 
of Standards or from any chemical supply house. Advantages are a high 
equivalent weight, stability on drying, slight affinity for water vapor, 
and ready availability. The only disadvantage is that it is a weak acid, 
but, since base solutions arc most frequently used for the analysis of 
weak acids, this is no handicap. Standard solutions of potassium acid 
phthalate may be kept for long periods of time without danger of de- 
composition . 2 Phcnolphthalein indicator is employed with this stand- 
ard, and only carbonate-free strong bases should be used. In neutraliza- 
tion reactions potassium acid phthalate behaves as a monobasic organic 
acid, comparable to acetic acid in strength. 

Sodium Carbonate (Na 2 C0 3 , mol wt 10G.0). Sodium carbonate is 
the best standard for acids that are to be used for titrations of samples 
containing carbonate. High-grade carbonate, of assay value 99.95 per 
cent, is available, or, if preferred, sodium bicarbonate may be purified by 
recrystallization and converted to carbonate by heating at 2G0-270°C 

2 J. I. Hoffman, J. Research Natl. Bur. Standards , 15, 583 (1935). 
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until constant weight is obtained. If prepared sodium carbonate is 
used, it is advisable to heat this at 270°C to remove water completely 
and convert any bicarbonate present into carbonate. Care must be 
taken in selection of titration conditions and of the indicator. 

Constant-boiling Hydrochloric Acid. Hydrochloric acid-water 
solutions have the property of forming a maximum boiling-point system 
(see textbooks of physical chemistry). At a concentration of approxi- 
mately 20 per cent acid by weight, there is obtained a solution in which 
the ratio acid: water is not altered by continued distillation. The com- 
position has been accurately determined as a function of the barometric 
pressure of the distillation. This property provides a means of readily 
obtaining a solution of known concentration. A solution is distilled 
until a constant boiling temperature is obtained. As samples of distil- 
late are collected, the barometric pressure is observed. The concentra- 
tion of the distillate is computed from the table. Solutions of the desired 
strength are made by accurately weighing portions of the distillate and 
diluting to volume in a calibrated flask. 

Sulfamic Acid (IINH 2 SOa, mol wt 97.10). This monobasic acid, 
which is readily available in a purified solid state, has recently been 
recommended for use as a primary standard. 3 It is readily soluble in 
water, easily purified by a single recrystallization, and inexpensive. 
Practically all its salts are soluble. Sulfamic acid is a strong acid and 
can be used with either phenolphthalein or methyl orange indicator. It 
should be dried in air because at temperatures of 135°C or above some 
of the occluded water reacts with the sample, probably by hydrolysis. 
The only comparable standard available in solid form is potassium bi- 
iodate, which is more expensive and more difficult to purify than sul- 
famic acid. 

Gravimetric Standardization. Hydrochloric and sulfuric acids 
can be, and often are, standardized by gravimetric methods, as listed 
in Chapter 21. For hydrochloric acid, the chloride ion is precipitated 
as silver chloride, which is dried and weighed. The accuracy of most 
other methods for standardization has been tested by comparison with 
the results obtained from this method. Of course, the method assumes 
the absence in the solution of any source of chloride ion other than the 
hydrochloric acid. Gravimetric standardization of sulfuric acid, by pre- 
cipitation of barium sulfate, is not so satisfactory, because it is difficult, 
if not impossible, to obtain barium sulfate precipitates in a pure con- 
dition. 

8 M. J. Butler, G. F. Smith, and L. F. Audrieth, Ind. Eng . Chem ., Anal . Ed., lfy 
690 ( 1938 ). 
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Other Standards. Among the other standards that have been used 
are: 

1 . Benzoic acid (IIC7H5O2) - This is inferior to potassium acid phthal- 
ate because it is sparingly soluble and is not so readily purified. It too is 
a weak acid. 

2. Calcite crystals. Clear crystals of calcite are nearly pure calcium 
carbonate. They provide a convenient standard when highest accuracy 
is not required. A weighed crystal is put into a measured excess volume 
of acid and allowed to react. The remaining acid is determined by 
titration with a base that has previously been compared with the acid. 

3. Oxalic acid (H 2 C'20 4 -2II 2 0). This is open to objection because it 
is hydrated. 

4 . Borax (Na 2 B 4 0 7 - 10H 2 O). The recrystallized product is dried to 
constant weight in a desiccator kept at the desired vapor pressure of 
water by deliquescent sodium bromide. The titration reaction is 

B 4 0 7 = + 2H+'+ H 2 0 -* -lHBOa 


Analyses 

The analyses that can be made by neutralization methods may be 
grouped in two general classes: (1) determination of the acid or base (or 
anhydrides of these) in a sample by titration with a standard base or 
acid, and (2) determination of salts of weak acids (or bases) by titration 
with a standard solution of a strong acid (or base). Not all acids and 
bases can be satisfactorily titrated. It is shown in C'hapter 9 that the 
titration of very weak acids or bases is not feasible because a sharp end 
point cannot be obtained. Failure to obtain a sharp end point is due 
to hydrolysis of the salt formed. For example, acetic acid, of ionization 
constant 10 ~ 5 , can be satisfactorily titrated by a standard solution of 
sodium hydroxide, but aqueous solutions of boric acid, of ionization 
constant 10 — 9 , cannot be satisfactorily titrated by sodium hydroxide 
solutions unless a substance is added to increase the strength of the acid. 
In most cases when an acid is too Avoak to be titrated with standard base, 
a salt of the acid can be titrated with standard acid. For example, car- 
bonic acid cannot be titrated by sodium hydroxide, but sodium car- 
bonate can be titrated by hydrochloric acid, according to the equation: 

C0 3 “ + 2H+ = II 2 C0 3 

Acid-base Indicators. In all neutralization titrations, results are 
dependent on the selection of the proper indicator. A comprehensive 
discussion of the properties of indicators and the selection of an indicator 
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for a titration is given in Chapter 9. Since this material may be omitted 
in elementary courses or be deferred until a later date, it is necessary to 
consider briefly the properties of indicators at this point. 

The indicators used in neutralization titrations are highly colored 
organic compounds that have the property of changing in color when 
the hydrogen-ion concentration of the solution is changed over a cer- 
tain range. The most widely used are phenolphthalein, methyl orange, 
methyl red and bromcresol green. 

The hydrogen-ion concentrations at the point of color change (end 
point) are widely different for various indicators. Phe nolphthalein is 
c olorless in solutions in which the- conce ntration of hydrogen ion is 
^rgatcrjhaQ 10 ~ 8 molar end pink in solu tions in w hich the concentra- 
tion ol hydroge n i an i s . less than 10~ 1Q molar . If the hydrogen-ion con - 
centration changes from 10~ 1 Q to 1Q~ 8 molar, the phenolphthalein indi- 
cator will change from pink to colorless. If the solution assumes a 
hvdrogen-ion concentration intermediate between these two values, the 
color is also intermediate between deep pink and colorless. It may be 
recalled that in pure water the concentration of hydrogen and of hy- 
droxyl ion is 10 -7 molar. Thus phenolphthalein shows a color change on 
the basic side of neutrality. 

Methyl orange, methyl red, and bromcresol green give color changes 
on the acid side of neutrality, in the region of hydrogen-ion concentra- 
tion 10““ 3 to 10~‘ 5 molar. Intermediate between phenolphthalein and 
these indicators there are many others, with color changes at various 
hydrogen-ion concentrations. A list of the more common ones is given' 
in Table 17, page 106. 

The_proper indicator for a titration is one which will exhibit a color 
change at the hydrogen-ion concentration found at the stoichiometric 
point of the titration. In the titration of strong acids by strong bases, 
for example, hydrochloric acid by sodium hydroxide, the salt formed 
(sodium chloride) does not hydrolyze. Therefore the hydrogen-ion 
concentration at the stoichiometric point is that of pure water, or 10 7 
molar. When a weak acid, as acetic acid, is titrated by sodium hydrox- 
ide, the salt formed will hydrolyze to give a basic reaction. It happens 
in this case that at the stoichiometric point the hydrogen-ion concentra- 
tion is approximately 10~ 9 molar. Therefore phenolphthalein is a 
suitable indicator. In the titration of a weak base, as ammonium 
hydroxide, by a strong acid, the salt formed will hydrolyze to give an 
acid reaction. Methyl red happens to be the most suitable indicator. 
In the titration of a salt of a weak acid by a strong acid, for example, 
sodium carbonate by hydrochloric acid, there is formed at the stoichio- 
metric point a solution of the weak acid (see the chemical equation on 
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page 104). The solution is, therefore, slightly acidic, and methyl orange 
is a suitable indicator. 

From the foregoing it might seem that neither phenolphthalein nor 
methyl orange would be suitable indicators for the titration of hydro- 
chloric acid by sodium hydroxide, since^neither of the indicators shows a 
color change at the neutral point. It happens, however, that, at the 
stoichiometric point in this titration, the addition of a very small vol- 
ume of reagent will greatly change the hydrogen-ion concentration. If 
an indicator blank is used, as described in the following paragraphs, 
either indicator is satisfactory. 

Indicator Blank. If the indicator color change occurs exactly at the 
hydrogen-ion concentration found at the stoichiometric point in an 
analysis, it is not necessary to use an indicator blank. Since it is not 
always possible to select the indicator so that the end point exactly 
coincides with the stoichiometric point, it is advisable either to stand- 
ardize the solution with an analyzed sample of the constituent which is 
to be determined by this solution or to use an indicator blank in both the 
standardization and the analysis. The first process is illustrated in the 
determination of carbonate by titration with hydrochloric acid. If the 
hydrochloric acid is standardized by pure sodium carbonate, the same 
indicator error will occur in both standardization and analysis, provided 
the concentration of carbonic acid is the same at the end point in the 
two processes. Therefore exact results will be obtained in the analysis. 

Use of an indicator blank may be illustrated by results found for the 
titration of hydrochloric acid by sodium hydroxide. Duplicate titra- 
tions were made, one with methyl orange indicator and the other with 
phenolphthalein indicator. 

I. With methyl orange* 25.00 ml of acid was titrated to the end 
point by 24.80 ml base. In the blank, sodium chloride was added to 
water, to duplicate conditions found at the stoichiometric point; in- 
dicator was added and titrated with acid. A volume of 0.20 ml was 
found necessary to give the end point. Subtraction of the blank from 
the total titration volume gives 25.00 — 0.20 ml = 24.80 ml acid. 
Since this required 24.80 ml of base, the acid and base solutions are of 
exactly the same strength. 

II. With phenolphthalein, 25.00 ml of acid was titrated to the end 
point by 25.02 ml of base. In the blank it was found that 0.02 ml of 
base was needed to give the end point. Subtraction of this amount gives 
the net amount of base, 25.02 — 0.02 ml = 25.00 ml. Again the vol- 
ume of acid and base used is found to be identical. Without use of the 
indicator blank a considerable error is found in comparing the two sets of 
titrations. The use of the uncorrected values would have indicated that 
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the acid is 24.80/25.00 as strong as the base in the methyl-orange titra- 
tion or 25.02/25.00 stronger than the base in the phenolphthalein titra- 
tion. 

CALCULATIONS 

Calculations of the amount of the various substances involved in a 
chemical reaction are known as stoichiometric calculations. The basis 
for all such calculations lies in the fact that a chemical equation is a 
concise statement not only of the relative number of molecules of each 
substance involved in the react ion but also of the relative weight of each 
substance. Thus tlu; equation, 

2NaOII + H 2 S0 4 = Xa 2 S0 4 + 2H a O 

gives the information that 2 X 40 weight units of sodium hydroxide 
react with 98 weight units of sulfuric acid, where 40 and 98 are, respec- 
tively, the molecular weights of sodium hydroxide and sulfuric acid. It 
is immaterial what weight, unit is chosen; the essential fact is that the 
relative weights are in the ratio 80:98. In chemistry the conventional 
weight unit is the gram. 

The weight ir. grams numerically equal to the molecular weight of a 
compound is known as a gram-molecular weight or a mole. Thus 40 g of 
sodium hydroxide is a mole of the substance, and a mole of sulfuric acid 
is 98 g. It would be fully as satisfactory to define the mole in terms of 
any unit other than the gram (for example, the ounce), but it is con- 
venient to use the gram. 

The concept of the mole is very useful in all stoichiometric calcula- 
tions, because the number of moles of each substance involved in a 
reaction is the number of molecules of that substance appearing in the 
chemical equation used to state the reaction. The above equation 
states that two moles of sodium hydroxide react with one mole of sul- 
furic acid, giving one mole of sodium sulfate and two moles of water. 

In all volumetric analyses the volume and concentration of the solu- 
tions used enter into the calculations. It is necessary, therefore, to de- 
fine the various methods of expressing concentration before a detailed 
consideration is given to the methods of calculation. 


Concentration of Solutions 

Physical Methods. The simplest methods for expressing the strength 
of a solution are in terms of the amount of solute present per unit amount 
of solvent or of solution. These are known as “physical methods” since 
they are based only on physical measurements of weight or volume, and 
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do not take into account the chemical reactions of the solute. The 
more widely used physical methods arc: 

1. Grams solute per liter (or 1(X) ml) solution. 

2. Grains solute per liter (or 100 ml) solvent. 

3. Grams solute per unit weight of solution. Unit weight is most 
often chosen as 100 g or 1000 g. 

4. Grams solute per unit weight of solvent. 

5. Percentage methods. The concentration of solutions is frequently 
stated in percentage, particularly when only an approximate value is 
indicated. Unless further defined, the term might mean either the 
weight or volume of solute per 100 g or 1(X) ml of solution or of solvent, 
but by general usage the term has come to mean the weight of solid or 
the volume of liquid diluted to 100 ml of solution. Tims, a 10 per cent 
salt solution contains 10 g salt per 100 ml of solution, and a 10 per cent 
alcohol solution contains 10 ml liquid alcohol per 100 ml solution. For 
exact expression of concentrations, the term “per cent by weight” is 
common. This means the grams of solute per 100 g of solution; it. is a 
designation which is independent of the effect of temperature on volume. 
All handbooks give density tables for common reagents, in which the 
per cent by weight is expressed as a function of the density of the solu- 
tion. 

None of the physical methods provide any direct measure of the 
chemical strength of the solution. For example, a given volume of a 
5 per cent by weight solution of hydrochloric acid will react with more 
of a base than will an equal volume of a 7 per cent, by weight nitric acid 
solution In order to make chemical calculations involving solutions, it 
is first necessary to transform the concentrations into chemical units, 
such as the mole. It is convenient, therefore, to state the concentration 
in chemical units in order to eliminate the necessity for the conversion. 
Two chemical units are widely employed, the mole and the equivalent. 

Molar Methods. A solution which contains one mole of solute per 
liter of solution is defined as a molar solution. The molarity of a solution 
denotes the number of moles of solute per liter of solution. It is desig- 
nated by a numerical value 4 preceding the abbreviation “M.” Thus, 
0.1 M IK-1 is a hydrochloric acid solution which contains to* m °l e or 
3.04G g of hydrogen chloride per liter. This terminology does not in 
any way indicate that a liter of solution is present, but merely states 
that the amount of hydrogen chloride is such that a liter of the solution 
contains ^ mole. The total number of moles of solute in a given vol- 
ume of solution is the product: 

Volume in liters X molarity 

4 Less often used is the designation ilf/10 to indicate a 0.1 ilf solution. 
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For example, there are, in 2 1. of 1 M solution, 2 moles of solute, and in 
500 ml of 1 M solution there is \ mole of solute. 

It follows from the definition of the mole and of molar solutions that 
equal volumes of equimolar solutions contain an equal number of mole- 
cules. This statement is the basis for all calculations involving molarity and 
should be thoroughly understood before the reader proceeds further. The 
volumes of equimolar solutions which enter into a reaction are numeri- 
cally related to one another as are the respective number of molecules 
in the chemical equation for the reaction. Thus 2 1. of a molar solution 
of sodium hydroxide are needed for reaction with 1 1. of a molar solution 
of sulfuric acid. 

The preceding definitions may be concisely summarized in the form 
of equations: 

number of moles solute 

Molarity ; 

liters of solution 


grams solute 1 

Molarity = — X ; ; — 

molecular weight liters of solution 

Moles of solute = molarity X liters of solution 

Grams of solute = molarity X liters of solution X molecular weight 

In many physicochemical calculations, it is convenient to employ so- 
lutions whose strengths are stated in terms of the weight of solvent 
rather than volume of solution. A solution which contains one mole of 
solute per kilogram of solvent is known as a molal solution. The method 
of expressing the concentration is not used in quantitative analysis, 
because in all quantitative procedures the analyst measures the volume 
of solution. 

Equivalent Methods. The use of the mole as a concentration unit 
simplifies chemical calculations, as previously shown, but does not 
provide a basis for direct comparison of the strength of all solutions. 
For example, a liter of 1 M sodium hydroxide will neutralize a liter of 

1 M hydrochloric acid but will neutralize only \ 1. of 1 M sulfuric acid. 
It may be readily seen that a mole of hydrochloric acid furnishes a mole 
of hydrogen ion, or 1.0080 g, whereas a mole of sulfuric acid furnishes 

2 moles, or 2.01 GO g, of hydrogen ion. In all neutralization reactions 
the fundamental change is the disappearance of hydrogen or hydroxide 
ion from the solution, usually according to the equation, 

H+ + OH- = H 2 0 

It is convenient, therefore, to choose as the unit that weight of a sub- 
stance which will furnish a mole of hydrogen or hydroxide ion. The num- 
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ber of units of all substances involved in a reaction is thus made numeri- 
cally equal. The equivalent weight (eq) provides such a chemical unit. 
The equivalent weight is defined, for neutralization reactions, as the 
weight in grams which will furnish or react with one gram-atomic 
weight of hydrogen ion. For example, an equivalent weight of hydro- 
chloric acid is 1 mole, of sulfuric acid is ^ mole, and of sodium hydroxide 
is 1 mole. The definition is further illustrated in the following list: 


Equivalent Weights of Some Acids and Bases 



Weight 


Equivalent 


of ?o ole 

Equivalents 

weight 

Substance 

in grams 

per mole 

in grams 

NaOII 

40.00 

1 

40.00 

Ca(OH) ? 

74.10 

2 

37.05 

MgO 

40.32 

2 

20.16 

IICl 

30.40 

1 

36.46 

H2SO4 

os. OS 

2 

40.04 

Na<jCOa (complete neutralization) 

100.0 

2 

53.0 

NaHCOs 

84.0 

1 

84.0 

NII 4 OII 

35.05 

1 

35.05 


The equivalent weight of a substance depends on the reaction involved 
in the titration. If H3PO4 is titrated with NaOlI to a methyl orange 
end point, the reaction, 

H3PO4 + NaOH = NaIT 2 P 0 4 + H 2 0 

takes place, and the equivalent weight of II3PO4 is the same as its 
molecular weight, because each mole of H3PO4 has given up 1 mole of 
H + . If phenolphthalein had been used as the indicator, the reaction 
involved would have been 

H3PO4 + 2NaOII = Na 2 HP 0 4 + 2 II 2 0 

For this titration the equivalent weight of II3PO4 is one-half its molecu- 
lar weight. For most neutralization titrations the reaction is obvious 
and does not need to be specified to determine the equivalent weight of 
a substance. 

Since an equivalent weight of any substance will furnish or react with 
a mole of hydrogen ion, the number of equivalents is numerically the 
same for all substances involved in a reaction. That is to say, one equiv - 
alent of any ac id will neutralize one e quivale nt of any base, since each 
will furnish or react with th e same amount of h ydro gen ion. Because of. 
this re lation, the equivalent weig ht furnS Ke^ method for 

expressing the concentrations 6f solutions on a compa rable basi s. A 



7 


111 


Use of Milliequivalents and Millimoles 

normal solution is one which contains one equivalent weight of solute 
per liter of solution. The normality of a solution is denoted by a numer- 
ical value followed by the symbol “A.” Thus the expression 0.1 A IICl 
is read as one-tenth normal hydrochloric acid. Such a solution is one 
containing one-tenth equivalent of hydrogen chloride per liter. (Also 
used is the symbol A/10 for a 0.1 A solution.) This solution is likewise 
one-tenth molar, because the equivalent and molar weight of hydrogen 
chloride are the same. 

The definitions may be summarized by equations, as was done for 
molar solutions: 

equivalents solute 

Normality = ; 

liters of solution 

grams solute 1 

Normality = — X : — 

molecular weight liters of solution 

hydrogen equivalents per mole 

Liters of solution X normality = equivalents of solute 

Liters of solution X normality X equivalent weight = grams solute 

There is a simple relation between the normality and the molarity of 
a given solution since the equivalent weight is the molecular weight di- 
vided by the number of available hydrogen ions per molecule. The 
number of equivalents in a mole is equal to one, two, or three; conse- 
quently the normality is always 1, 2 or 3 times the molarity — never less 
than the molarity. 

Use of Milliequivalents and Millimoles. In the preceding dis- 
cussion we have taken the liter as the unit of volume. Practically, in 
laboratory work, we generally use the milliliter as the unit of volume. 
Thus, the volume required in a titration is stated as 44.57 ml and not 
as 0.04457 1. This dual selection of units is comparable to the everyday 
usage in regard to currency. We select the most convenient unit for the 
purpose at hand. Thus, the price of a car is stated at $1200 but the cost 
of groceries is stated in terms of cents per pound, rather than as $0.05 per 
pound. In keeping with this usage, it is convenient to select as the unit 
of concentration the amount of solute per milliliter of solution, which is 
ibo o the amount per liter of solution. We can then define a molar 
solution as one which contains 0.001 mole per milliliter of solution, or 1 
millimole (mmol), per milliliter. Likewise a normal solution is one 
that contains 0.001 equivalent, or 1 milliequivalent (m e), per milliliter. 

Since a mole is the molecular weight in grams, a millimole is a molecu- 
lar weight in milligrams. Likewise, since an equivalent weight is the 
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weight in grams to furnish or to react with one gram-atom of hydrogen, 
a milliequivalent is the weight in milligrams necessary to furnish or to 
react with one milligram-atom of hydrogen. Numerically the weight of 
solute in grams per liter of solution is the same as the weight in milli- 
grams per milliliter of solution. If a commodity costs $5 per 100 pounds, 
it obviously costs 5 cents per pound. 

The defining equations given for molar and normal solutions may be 
restated in terms of millimoles and milliequivalents by substitution of 
the prefix “milli” before each term which denotes a quantity. Thus, 

Milligrams solute 

= milliliters solution X normality X milliequivalent weight 

In subsequent usage in this book, the choice of equivalent or milli- 
equivalent is dictated by the unit of volume chosen. If the volume is 
given in liters, calculations are made on the basis of equivalents and 
grams. If the volume is in milliliters, the calculation uses milliequiva- 
lents and milligrams. 

Titer. If a solution is to be used for analysis of a particular sub- 
stance only, it is convenient to know the concentration in terms of the 
amount of analyzed substance that will react with one milliliter of the 
reagent solution. This weight is known as the titer. If a hydrochloric 
acid solution is of such strength that 1 ml reacts with 5 mg Na 2 C 03 , the 
titer of the IIC1 solution is 5 mg Na 2 C0 3 per milliliter. The normality 
is, of course, or 0.0945. 


ILLUSTRATIVE PROBLEMS 

General Method of Solution. The basis for the solution of all 
types of neutralization computations is the simple relation that the 
equivalents of acid are equal to the equivalents of base (which follows 
from the definition of equivalent). To solve any type of problem one 
need only to convert the given amounts into equivalents or milliequiva- 
lents, depending upon whether the volumes are in liters or milliliters; to 
equate the equivalents of acid and base; and to express the answer in 
proper units. Methods for these operations are illustrated in the fol- 
lowing paragraphs for various typical calculations. The student should 
not memorize these examples but should seek to understand the reason- 
ing of each so that he can apply the methods to similar problems. 

Dimmsicms. The student will find that he can more readily under- 
stand stoichiometric computations if he will label from the beginning 
each numerical value used. These labels can be treated algebraically 
just as are the numbers; the result is that units are then furnished for 
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the numerical answer.. This is not a new concept — in everyday life it 
is usually done. For example, if apples cost 5 cents apiece one deter- 
mines the number which can be bought for $2 by the relation: 

200 cents 

Number of apples = 

5 cents 

apple 

= 40 apples 

A more sophisticated solution is to employ exponents for each dimen- 
sion, as one does in physics problems. That is, 

200 cents 

Number of apples = — 

5 cents -apples 

We shall in this text use the mixed fraction form rather than the ex- 
ponents, but the student should be able to use either intelligently. 

The treatment of a problem involving volume and normality of a 
solution is exactly like the everyday apple problem. For example, the 
number of milliequivalents in 5 ml 2 A IIC1 solution is given by the rela- 
tion, 

2 m e 

Number of milliequivalents = 5 ml X = 10 me 

ml 

The weight of HC1 in 5 ml 2 A HC1 is given by the relation, 

Milligrams HC1 = 10 m e X 3G.46 mg/m e = 364.0 mg 

We may now proceed to various types of problems which illustrate 
just about every situation that can arise in the laboratory work. 

Preparation of Solutions, Most solut ions are prepared by dissolv- 
ing a weighed amount of solid and adding sufficient water to make the 
desired volume. One must determine how much solid to weigh out to 
prepare a given volume of solution. 

Problem. How many grams of pure sodium hydroxide, mol wt 40.0, are needed 
for preparation of 500.0 ml 0.1000 N solution? 

Solution: To illustrate the use of equivalents and milliequivalents, we shall work 
this problem in two ways. To use equivalents wc express the volume in liters 
According to the definitions previously given, 

Equivalents solute = volume in liters X normality 

= 0.5000 1. X 0.1000 eq/1. - 0.0500 eq 
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To get the weight in grams we need only multiply the equivalents by the weight of 
1 sq, or 

Weight in grams = 0.0500 eq X 40.0 g/eq 

= 2.000 g 

To work the same problem in mi lliequi valent terminology wc express the volume in 
milliequivalents. Then, by the previous definitions, 

Milliequivalents solute = volume in milliliters X normality 

— 500.0 ml X 0.1000 m e/ml — 50.00 m e 

The weight in milligrams is given by the relation: 

Weight = milliequivalents X milligrams per milliequivalent 
= 50.00 m e X 40.0 mg/m e = 2000 mg = 2.000 g 


Note that in this problem it is equally convenient to express the 
volume in liters or in milliliters and therefore that either the equivalent 
or the milliequivalent method can be conveniently used. This is not 
always true. If, for example, the problem had asked for preparation 
of 150 1., it would lead to very large numbers if the computation were 
made on the milliequivalent basis. Conversely, if the volume were 
15 ml, it would lead to very small numbers to work with equivalents. 
In every problem a choice should be made as to the most convenient 
unit to employ. 

Problem. What is the normality of a solution prepared by dissolving 25.20 g 
oxalic acid (H 2 C 2 O 4 * 21120 , mol wt 12(5.1) in sufficient water to give 1.200 1. of 
solution? What is the molarity of the solution? 

Solution: First we determine the equivalents. The equivalent weight is 126.1/2 
or 63.05 g, since oxalic acid has two replaceable hydrogen atoms. 


Therefore, 


The normality is 


Number of equivalents 


25.20 g 

03.05 — 
oq 


0.3096 cq 


0.3996 eq 
_ L200 1. 


= 0.3330 eq/1. 


To find the molarity, we note that, since a mole furnishes two equivalents, the number 
of moles per liter is onc-half {never twice) the number of equivalents. Therefore, 


Molarity = 


0.3330 


eq 


> e( * 
mole 


0.1665 mole/1. 


Dilution of Solutions. A solution of known normality is frequently 
prepared from a more concentrated one of known strength by quantita- 
tive dilution. 
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Problem, What volume of 0.1500 N reagent is needed for the preparation of 
500.0 nil 0.1000 N solution? (Note that in this problem it is not necessary to know 
what the reagent is. Since the normality is given, the computation does not in any 
way depend on whether the solution contains an acid, base or salt.) 

Solution: We note that both the volume and normality of the final solution are 
given. Therefore the milliequivalents required is given by the product 

Milliequivalents required = 500.0 ml X 0.1000 m c/ml 
= 50.00 m e 


To complete the problem we need only determine what volume of 0.1500 N solution 
is needed to provide 50.00 m e: 


Volume required = 


50.00 m e 

in e 
0.1500 — - 
ml 


333.3 ml 


Remarks: To prepare the desired solution we may add 166.7 ml of water to 333.3 ml 
of the 0.1500 N solution, or, more accurately, place 333.3 ml of the 0.1500 N solution 
in a 500-ml volumetric flask and dilute to the mark. When solutions of a predeter- 
mined normality are required, the computation is like that of this problem. A solu- 
tion is made somewhat, stronger than the* desired concentration and is accurately 
standardized. Then, by quantitative dilution, the desired strength is obtained. 


Determination of Normality of Solution by Comparison with 
a Standard. It lias previously been stated that usual practice is to 
prepare solutions of approximately the desired strength and then to 
determine the exact strength by titration against a solid primary 
standard. The following problems illustrate the computations needed. 
First we will consider a titration made just to the end point, without 
any back titration. 

Problem. A 0.9324-g sample of pure potassium acid plithalate is dissolved and 
titrated with 41.73 ml of a base solution, using phenolphthalein indicator. What is 
the normality of the base solution? (Note that in this problem we have not stated 
what, base is used nor what volume of water is added to the potassium acid phthalate 
sample. It is necessary to know neither. Any base, if strong, will neutralize the 
potassium acid plithalate completely. The amount of water added to the KHP does 
not in any way affect- the titration since wc add enough base to neutralize it com- 
pletely. In practice we add some 50 ml of water, to dissolve the weighed sample 
readily, but do not measure the water.) 

Solution: Here the data given are the weight of standard and its equivalent weight 
(look up in table on back cover of book), 204.2. We compute the millequivalents of 
standard by dividing the weight in milligrams by the milliequivalent weight. 


932.4 mg 

Milliequivalents = — . 

204.2 mg/m e 


4.566 m e 


The normality of the base is obtained by dividing the number of milliequivalents 
by the volume, in milliliters. 


Normality = 


4.566 m e 
41.73 ml 


= 0.1094 


m e 

mT 
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When experience has been gained with tliis type of problem, it should be set up so 
that it may be solved by a single operation with logarithms. 


N = 


932.4 mg 


204.2 mg/m e X 41.73 ml 


0.1094 ; 


ml 


In many titrations it is preferable to over-run the end point and then 
to back-titrate until the end point is just reached (see page 90). This 
procedure is illustrated in the following problem. 

Problem. In the standardization of an acid and base solution, sodium carbonate 
of assay value 99.5 per cent was used. A sample weighing 0.2200 g was dissolved, 
43.50 ml of acid solution w'as added, and 2.75 ml of base solution was required for 
back titration. In another titration it w T as found that 38.03 ml acid was needed to 
react with 33.27 ml of the same base. Calculate the normality of the acid and base 
solutions. 

Solution: First w r e compute the milliequi valen ts of sodium carbonate, by dividing 
the weight of pure substance by the milliequivalent weight. r lhe weight of pure 
substance is the gross w r eiglit times the purity factor. 

Weight sodium carbonate = 220.0 mg X 0.995 = 218.9 mg 

218.9 mg 


Milliequi valents sodium carbonate = 


53.00 mg/m e 


* - - 4.130 m e 


Next w r e compute the net volume of acid required to react with 4.130 m e of standard. 
The total volume of acid, 43.50 ml, is that, required for titration of the standard and 
of the base consumed in the back titration. We note that the base is stronger than 
the acid. Therefore, 

38 G3 

2.75 X — — = 3.19 ml of acid 
33.27 

Here the ratio 38.63/33.27 is taken from the values found in a comparison titration 
of the acid and base. 

The net volume of acid is 43.50 — 3.19 = 40.31 ml. Hence, the normality of the 
acid, 

4.130 m e ^ m e 

= 0.1025-- 

40.31 ml ml 

The normality of the base is obtained from the results of the comparison of the acid 
and base. 

0.1025 X 38.63 

Normality of base = — — - = 0.1190 

00.27 


A very common error in this type of computation is to reverse the 
acid-base ratio in the last step. This can be avoided by a little thought. 
Since the comparison requires 38.63 ml acid for 33.27 ml base, it is 
obvious that the base is stronger than the acid. Therefore the normal- 
ity of acid is multiplied by a ratio that is greater than unity, namely 
38.63/33.27 rather than the reciprocal of this ratio. 
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Analysis of Samples by Titration with Standard Solutions. 

The whole object in the preparation of standard solutions of acids and 
bases is to use these solutions for analysis of samples. A weighed por- 
tion of sample is dissolved in water and titrated with standard acid or 
base to the proper end point. From the volume of reagent used and 
the weight of sample, the percentage purity of the sample is computed. 

Problem. A sample of impure oxalic acid (H2C2O4 -21120, mol wt 126.1) which 
weighs 0.4750 g requires 35.00 ml 0.2000 N .sodium hydroxide for its titration. Calcu- 
late the percentage of oxalic acid in the sample. 

Sol ut ion: 

Milliequivalents base = milliequivalents oxalic acid — 35.00 ml X 0.2000 m e/ml = 
7.120 me 

Milligrams oxalic acid in sample = milliequivalents X weight of 1 in e = 7.120 m e 
X 12G.1/2 mg/m e - 448.9 mg - 0.4489 g 

grams oxalic acid X 100 

Percentage = — . — — 

weight of sample 


0.4480 

<14750 


X 100 = 94.51% 


A sample of impure cal cite (CaCC>3, mol wt 100.1) which weighs 0.4950 g is 
dissolved in 50.00 ml of standard acid, and the excess acid is titrated with standard 
base, 5.25 ml of base being required; 1.000 ml of acid is equivalent to 0.005300 g 
sodium carbonate; 1.050 ml acid = 1.000 ml base. Calculate the percentage of 
calcium carbonate in the sample. 

Solution: 


Normality of acid = — ' — — = 0.1000 m e/ml 

J 53.00 mg/ m e 

Net volume acid required for titration of sample = 50.00 — 


5.25 X 


1.050\ 

1 . 000 / 


— 44.49 ml 


Milliequivalents acid = Milliequivalents calcium carbonate 


m e 

44.49 ml X 0.1000 — - = 4.449 m o 
ml 

Weight calcium carbonate = 4.449 in e X 50.05 mg/m e = 222.7 mg 

222.7 X 100 

Percentage calcium carbonate in sample = = 44.99 

h 495.0 

Preparation of Standard Solutions by Use of Constant-boiling 

HC1. One of the good methods for preparation of standard HC1 solu- 
tion is by dilution of a weighed sample of (constant-boiling acid to known 
volume. The computations for this method introduce some variations 
from those previously given. 
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Problem. If 18.0175 g of constant-boiling HC1, prepared at a pressure of 743 
mm, is diluted to exactly 1 1., what is the normality of the solution? 

Solution: According to the data of Foulk and Hollingsworth, on page 131, the 
composition of a solution distilling at 740 nun is such that 179.706 g contain 1 mole 
HCi. At a pressure of 750 nun, 179.979 g of solution contain 1 mole. The amount 
of solution distilling at 743 mm which will contain 1 mole IIOl is obtained by inter- 
polation bet ween the above figures. The difference in the weight of distillate needed 
to contain 1 mole of acid is 0.213 g distillate per 10 mm pressure. The weight of 
distillate at 743 mm needed for 1 mole of acid is, therefore, given by the expression 

Weight of distillate per mole IIC1 = 179.766 + (-& X 0.213) = 179.830 g 

The sample, 18.0175 g, contains 18.0175/179.830 or 0.1002 mole HCI. Since the 
total volume of solution is 1 1., the normality is 0.1002. 

Density and Composition of Aqueous Solutions. All handbooks 
of chemistry give numerous tables showing the per cent by weight of 
various solutions as a function of the density. Such tables provide a 
ready means of determining the strength of a solution. One merely 
measures the density, by means of a hydrometer or pycnometer, and by 
reference to the table determines the composition. He must, then be 
able to compute from the percentage by weight the normality and 
molarity of the solution. 

Students often confuse density and specific gravity. Density is the 
weight of 1 ml of a substance. Specific gravity is the relative weight 
as compared with an equal volume of water. If the specific gravity is 
given in relation to water at 1 °C, then it is also the density, but, if the 
water temperature is not 4°C, then the specific gravity must be multi- 
plied by the density of water at the temperature of comparison to con- 
vert to density. 

Problem. Sulfuric acid of density 1.3028 g per milliliter contains 40.00 per cent 
H2SO4 by weight. Compute the normality and molarity of the solution. 

Solution: Weight of 1 ml acid solution = 1302.8 mg 

Weight of acid in 1 ml = 1302.8 mg X 0.4000 = 521.1 mg 

Normality of acid = — °2I I m g — _ jq f 03 6 m e / m i 
49.04 mg/m e 

Molarity — one-half normality, since 1 mole furnished two equivalent weights. 
Therefore molarity = 5.31 g. 

Titer and Normality. What is the normality of a hydrochloric 
acid solution having a sodium carbonate titer of 5.00 mg per milliliter? 

Solution: According to the data 1 ml of the acid will react with 5.00 mg sodium 
carbonate, whose milliequivalent weight is 53.0 mg. Therefore the normality of the 
acid is 

5.00 mg/ml 4- 53.0 mg/m e = 0.0943 m e/ml 
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Factor Weight Solutions. It is often convenient to prepare solu- 
tions of such strength that, when a predetermined weight of sample is 
used, the volume of the standard solution required for a titration shall 
represent the percentage of the constituent sought in the analysis. 

Problem. What must, be the normality of a sodium hydroxide solution if the 
volume; used for tlm titration of a 0.5000-g sample represents the percentage of acetic 
acid in the sample? 

Solution: According to the data 1.00 nil of the base solution is equivalent to 1.00 
per cent or 5.00 mg acetic acid. Therefore the normality of the solution is 


5.00 mg/ml 

00.05 mg/m e 


= 0.0833 m e/ml 


It is sometimes convenient to weigh out exact weight samples for use 
with a solution of a certain normality so that a simple relation exists 
between the volume of solution used and the percentage of the sought 
constituent. 

Problem. What size sample should be taken for analysis so that each milliliter 
of 0.1200 N HC1 used for titration represents 0.500 per cent Na20 in a sample of 
soda ash? 

Solution: 

01 99 

1.000 ml acid = 0.1200 m e or 0.1200 X — = 3.720 mg Na 2 0 

At 


This weight of Na 2 0 is 0.500 per cent of the sample, or the sample weighs 


„ 1000 
3.720 mg X — rr = 744 mg 
O.oOO 


QUESTIONS 

1. Which indicator, phenolphthalein or methyl orange, should be used in each of 
the following titrations? 

IIC1 vs. NaOH 
H 2 S0 4 vs. NII4OH 
Benzoic acid vs. NaOH 
Borax vs. HC1 

2. A sample of 0.1000 N HC1 of volume 25.00 ml is titrated with 0 1000 N NaOH 
(carbonate-free), and methyl red is used as the indicator. Does it require exactly 

25.00 ml of base or more or less than this amount to reach the end point? 

3. Why is the reaction H + + OH“ = H 2 0 suitable for volumetric purposes? 

4. Criticize and correct the statement, “In all acid-base titrations the pH of the 
solution at the stoichiometric point is always 7.” 

5. List, in order of preference, the standards which are generally available for acids 
and bases. Discuss the advantages and disadvantages of each. 
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6 . If benzoic acid and potassium acid phtlialate were equally suitable as a primary 
standard, why would it still be desirable to select the phthalate as a standard? 
Consider the equivalent, weights in preparing your answer. 

7. Why are the permanent laboratory standard solutions usually either hydro- 
chloric or sulfuric acid? 

8 . Why is it. desirable that sodium hydroxide solut ion be nearly free of carbonate? 

9 . Describe two methods for the preparation of carbonate-free base. 

10 . Define the following terms: solution, solute, concentration, equivalent weight, 
atomic weight, mole, molecular weight., milliequivalenf, specific gravity. 

11 . If a buret retains 1 ml of liquid after drainage 1 , what volume of the original 
liquid will bo present after the buret has been rinsed three times with 5-ml portions? 

12 . Why is not a buoyancy correction applied to the weight of Na2Ct>3 when it is 
used as a primary standard? 


PROBLEMS 

1. Construct a table showing for HCl, NaOII, II 2 SOi, Na^COg, and BaO: 

(a) Equivalent weight. 

(b) Milliequivalent. weight. 

(r) Weight of solute 4 in grams per liter of 0.15 .V solution. 

(d) Weight of solute in milligrams per milliliter of 0.15 :V solution. 

(c) Weight of solute in milligrams per milliliter of 0.15 M solution. 

2. TTse molecular weights rounded to the nearest, whole 1 number, and solve 4 the 
following problems mentally to establish the fundamental concepts of stoichiometric, 
calculations and the selection of units. 

(а) How many moles of NaOH arc present in 1700 ml of 0.2 M solution? 

(б) How many millicquivalents of H2SO4 art 4 present in 50 ml of 0.4 A T solution? 
(r) How many milligrams of KOH art 4 present in 25 ml of 0.04 N solution? 

( d ) How many grams of IINO3 are present in 1500 ml of 0.2 M solution? 

(r) 85.5 mg of Ba(OH )2 is dissolved in 500 ml of solution. What is the normality 
of the solution? 

(/) How many milligrams of NaoCJOg will react with 50 ml of 0.2 N HCl? 

(</) How many milliliters of 0.1 N NaOII solution will react with 30 ml 0.15 N 
HCl solution? 

( h ) How t many milliliters of 0.025 M Ba(OII)2 solution will react with 50 ml 
of 0.1 N H 2 S0 4 ? 

( i ) 25 ml 0.2 N KOH reacts with 50 ml of H3PO4 solution. What is the nor- 
mality of the acid solution? 

(j) If the titration reaction in (i) is: H3PO4 + 2011“ «= HP04 == + 2H 2 0, what 
is the molarity of the phosphoric acid solution? 

3. What is the equivalent weight of: 

(a) Potassium tetraoxalate, KHC 2 04-H2C 2 04 *21120, if complete neutralization 
is assumed? 

(b) Sodium carbonate if it, is titrated to the phenolphthalein end point with HCl? 
(f) Sodium tetraborate decahydrate if the titration reaction is that given on 

page 104. 

(d) NU3PO4 *121120 if it is titrated with phenolphthalein as an indicator to 
form fiP0 4 “ ? 
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4. How many grams of solute arc in each of the following solutions: 


Solution 

(a) 2 1. 1IC1 

(b) 3 1. H0SO4 
(r) 150 ml H Cl 

(d) 125 ml NaOH 

(e) 1.5 1. Na 2 C0 3 


Concentration 

2.5 N 

1.5 N 
0.25 N 
1.5 N 
2.0 N 


5. How may each of the following solutions be prepared: 

(a) 150 ml 0.1 N NaOH, from solid NaOIl. 

(5) 100 ml 0.1 N NH4OII, from a 1.1 N solution. 

(r) 1.5 1. 0.05 N Ba(OH)2, from solid BaO. 

(d) 150 ml 0.15 N HOI, from a 12 N solution. 

G. IIow much of substance B is needed to react with the given amount of 2I? 


A 

(a) 40.00 ml of 0.5000 N H2SO4 

(b) 10G.0 mg NaoCO^ 

(c) 30.00 ml of 0.2000 M TI,S0 4 

(d) 25 00 ml of 0.1500 N KOII 

(c) 204.2 mg of potassium acid 
phtlmlate 

(/) 4.000 m e H2SO4 

(g) 0.5000 g 85.0% II3PO.1 solution 


B 

mg MgO 

ml 0.1000 N II Cl for complete 

neutralization 

ml 0.2000 N NaOH 

mg benzoic acid 

ml 0.04000 N KOII 

ml 0.0250 M Ba(OII) 2 

ml 0.1200 N NaOH if reaction is: 

II3PO4 + OH" = IBPOr + HoO 


7. What size sample (to the nearest 0.01 g) should be taken of each of the follow- 
ing, in order that 40.00 ml 0.2000 A r acid or base shall be needed for the titration of 
the sample? 

(a) KH(10 3 V 

(b) NaoCOs. 

(c) Sulfamic acid. 

8. How many milligrams of calcitc CaCOs arc needed to neutralize 40.15 ml of 
0.0082 N II0SO.1? of 0.0082 M II 2 S0 4 ? 

9. What arc* the normality and molarity of a solution prepared by dissolving 
8.050 g of Ba(OII)2 -SIW) in 1500 ml of solution? 

JO. To what volume should 50.00 ml of 1.250 N H2SO4 solution be diluted to 
prepare a 0.8000 N solution? 

11. 35.00 ml of a II2SO1 solution yields a precipitate of BaSOi which weighs 
0.8000 g. What: is the normality of the acid? 

12. 25.00 ml of a HC1 solution is required to react with 0.1851 g of pure NaaCCb. 
What is the normality of the acid? 32.10 ml of the acid reacts with 29.65 ml of 
NaOH. What, is the normality of the NaOH? 

13. From the following data compute the normality of an acid and a base: 

Weight of sulfamic acid 0.3500 g 

Volume of base 35.75 ml 

29.17 ml acid = 31.01 ml base 
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Weight of Na 2003 ( 99 . 5 % pure) 0.2027 g 

Volume of HC1 45.50 ml 

Volume of NaOH (back til ration) 3.57 ml 

35.05 ml NaOH = 31.03 ml IIC1 

15. A sample of vinegar weighs 12.00 g and requires 40.15 ml of 0.2000 N base 
for titration. Find the percentage of acetic acid in the vinegar. 

16. 45.00 ml of 0.1163 .V H 2 SO 4 was added to 0.4000 g of a sample of soda ash 
which is 67.72 per cent Na 2 C 0 3 . What volume of 0.1053 X NaOH is required for 
back titration? 

17. A soda-lime sample is 90 per cent NaOH and 10 per cent OaO. If 3.00 g is 
dissolved in 250 ml, what is the total normality of the solution as a base? How many 
milliliters of 0.5100 N H 2 SO 4 would be required to titrate 100 ml of the solution? 

18. Compute the normality and molarity of eaeh of the following solutions: 

(а) HOI, of density 1.12, containing 24.0 per rent I1C1 by weight. 

( б ) HNO 3 , of density 1.42, containing 72.0 per cent IINO 3 by weight. 

(r) H 2 SO 1 , of density 1.83, containing 95 per cent. II 2 SO 4 by weight. 

(d) H 2 SO 1 , of density 1.8022, containing 71.84 per cent SO 3 by weight. 

(e) NH 4 OH, of density 0.89, containing 30 per cent Nil;* by weight.. 

(/) NaOH, of density 1 . 10 , containing 10 per cent NaOH by weight. 

19. How many milliliters of a HNO 3 solution whose density is 1.3X9 g per milliliter 
and which contains 63.00 per cent acid by weight arc required to prepare 1500 ml 
of a 0.3000 N solution? 

20 . A solution of sulfuric acid has a density of 1.250 g per milliliter and contains 
49.00 per cent II 2 SO 4 by weight. 

(a) How r many milliliters of this acid art* needed to prepare 250.0 ml of 0.2000 A r 

solution? 

(b) 250.0 ml of the concentrated acid is diluted to 2.000 1. What is the normality 

of the diluted solution? 

21. What is the normality of a sulfuric acid solution of density 1.2185 g per milli- 
liter at 20 °0? (Refer to an handbook for the necessary data to solve this problem.) 

22. Express titers as follow's: 

(a) 0.1500 N IIOI in terms of: NaOH, Na 2 (), BaO, K 2 C0 3 . 

(b) 0.1200 A r NaOH in terms of: HOI, II 2 SO 4 , sulfamic acid, potassium aci 1 

phthalate. 


For additional problems illustrating neutralization methods , sec page l/ t 5. 
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Neutralization II. Laboratory 
Exercises 

INTRODUCTION 

This chapter contains laboratory exercises selected to represent the 
acid-base determinations of most frequent occurrence. Several methods 
are described for standardization of the solutions. The authors recom- 
mend that students use the potassium acid phthalate method, with 
carbonate-free base, since this is today the generally preferred method 
in analytical laboratories. Moreover, by this method the titration pro- 
cedure is simpler, and student results are better than those obtained 
with sodium carbonate standardization. 

Directions are given herein only for the preparation and use of 0.1 N 
solutions. This choice is based chiefly on the fact that the commonly 
available analyzed samples used for unknowns are prepared for use 
with 0.1 N solutions; with stronger solutions inordinately large samples 
must be used, and with more dilute solutions the weights of sample are 
too small and the end-point difficulties too great for student use. The 
student should realize, however, that in later work he may need concen- 
trations from 0.01 to 1 N, depending on the type of sample he may wish 
to analyze. 

Directions are given for the analysis both of prepared samples of 
potassium acid phthalate and sodium carbonate and of acid and base 
solutions dispensed by the instructor. With large classes the authors 
have found the latter more convenient and economical, but with small 
classes the commercially analyzed samples are preferred. Analyzed 
dried-blood samples are recommended as unknowns for the Kjeldahl 
determination of nitrogen. 
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Indicators 

Directions for the preparation of the more commonly used indicator 
solutions are given in the Appendix, on page 490. Phenolphthalein is 
recommended for titration of weak acids by carbonate-free base. In 
previous editions the authors recommended modified methyl orange for 
titration of carbonates, but more recently the dye, xylene cyanole FF, 
has not been available. Prepared solutions of the' mixed indicator can 
be purchased, but these do not appear to be completely stable and do 
not give such good results as were formerly obtained with solutions 
mixed at the time of using. Perhaps the best generally available indi- 
cator for carbonate titrations is the mixed methyl red-bromcresol green 
indicator, used with boiling for removal of carbon dioxide. Methyl 
orange itself is good when used with 0.5 N solutions or stronger, but it 
is not recommended for student use with 0.1 A r solutions. 


PREPARATION OF ACID AND BASE SOLUTIONS 

Procedure. Approximately 0.1 TV HC1 and NaOII. Carbonate- 
free. Directions are given for 1 1. of each solution. If larger bottles 
arc provided for storage and if the instructor so directs, a larger vol- 
ume may be prepared, by use of proportionally larger quantities. 

Measure info a glass-stoppered bottle 1 1. of distilled water (notes 1,2). 
With a small graduated cylinder, measure out 9 ml concentrated HCl 
(note 3). Pour the acid into the water, stopper the bottle, and mix well 
by repeated inversion and shaking. Label the bottle. 

Prepare an asbestos mat in a (Joocli crucible as directed on page 73 
(do not use a sintered glass or porcelain filtering crucible). Wash with 
a little water to remove loose shreds, but do not dry the mat. Empty 
the suction flask, and suspend a clean dry test tube beneath the funnel, 
as shown in Fig. 12, page 73. 

Weigh on the trip scale about 10 g reagent-grade sodium hydroxide 
pellets (note 1). Put in a test tube an amount of water equal to the 
weight (note 5) of NaOH taken, pour the pellets into the water, close 
the tube with a clean rubber stopper, and mix by repeated inversion 
(note G) until most of the NaOH lias dissolved. Cool the test tube in 
tap water, and filter, with suction, through the asbestos mat. Stop 
the suction as soon as the liquid has run through the filter. Remove 
and stopper the test tube which contains the filtrate. This should be 
clear. Pour about half the concentrated NaOH solution into a liter of 
distilled water free of carbon dioxide (note 2) in a stoppered bottle. 
Mix well and label. 
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Reserve the remainder of the saturated NaOH solution in a stoppered 
test tube until a comparison of the acid and base solutions has been 
made. It may be necessary to add more of this to the base solution 
(note 4) to bring it up to the same strength as the acid solution. 

Notes. 1. Measure llie water by a volumetric flask or large graduated cylinder. 
An accuracy of ±20 nil is good enough. 

2. The water should be nearly free of carbon dioxide. Ordinarily laboratory dis- 
tilled water is suitable for use. It may be tested if desired (ask instructor) by adding 
2 drops phenolphthalein indicator to 100 ml water and titrating dropwise with 0.1 AT 
NaOH solution. If more than 1 drop of NaOH is required to produce a definite 
pink color, the carbon dioxide should be removed. This can be done by boiling the 
water a short time or by aspirating CO^-free air through the water for 15-30 minutes. 
The COjj-free air may be obtained by drawing the air through a tube filled with soda- 
lime granules. When only a liter or two of 002-free water is needed, boiling is 
preferable, but for larger quantities the aspiration procedure is simpler. 

3. Concentrated HC1 of density 1.18 g per milliliter is approximately 12 N (see 
page 12). A slight excess over the calculated amount, of 8.3 ml is taken since the 
laboratory acid is frequently slightty weaker than 12 N. 

4. Only 4.0 g pure NaOH is needed to prepare 1 1. 0.1 N solution, but since the 
pellets contain water and sodium carbonate the purity factor is low. Also some of 
the NaOH is retained on the mat of t he- Gooch crucible. Usually about 5 g is needed 
to prepare a liter of 0.1 A r solution. The directions are for preparation of twice the 
needed amount of the saturated NaOH solution. It is better to prepare twice the 
computed amount of the concentrated solution and to use only about half and hold 
the remainder in reserve until it is found that the base solution is of the proper 
strength. 

5. Sodium carbonate is only slightly soluble in a 1 : 1 NaOII solution and is removed 
by filtration. An asbestos mat is necessary for this filtration since the concentrated 
alkali solution will destroy paper, or, if a filtering crucible is used, the mat may be 
ruined by the solvent action of the alkali on the fine particles. 

G. Hold the test tube in a towel as a large amount of heat is developed. Hold the 
stopper tightly in place. Enough heat is generated to cause a little pressure in the 
tube, and, if care is not taken, a spray of alkali may escape, with undesirable conse- 
quences to clothing in the vicinity. 


COMPARISON OF ACID AND BASE SOLUTIONS 

One should be able to do the comparison, the standardization, and 
the analysis of an unknown in a single afternoon if samples are prepared 
well in advance. It is wasteful of time and solutions to fill up burets 
and make the comparison one day and then to wait until another period 
to standardize. Before starting the comparison, the student should 
have ready dried portions of his primary standard material and his 
first unknown It is the student’s responsibility to look ahead and plan 
his work in advance so that waste of time is avoided. 
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Procedure. Reread the general instructions for the operations of 
volumetric analysis, on page's 88 to 90. Drain the water from both 
burets and fill them, respectively, with the 0.1 N acid and base solutions, 
with proper rinsing. Do not use more than 15 ml of each solution for 
the rinsing. Run out liquid from each buret until the tip is Idled. 
Rinse off surplus liquid from flic tip with water from the wash bottle. 
Refill the buret, and lower the liquid level to or below the 0.00 mark. 
Remove pendent liquid drops by touching the side Avail of a beaker to 
the tip. The burets are now ready for use. Read and record the posi- 
tions of both menisci. 

Run into a clean (hut not necessarily dry) wide-mouth 250-ml Erlen- 
meyer flask between 35 and 45 ml of the acid (note). Do not read the 
buret accurately at this time. Touch the wall of the flask to the tip to 
remove pendent drops. Add 1 or 2 drops phenolphthalein indicator, 
and titrate with base until a faint pink color is obtained. ( Jood lighting 
is essential, and the flask should be viewed against a white background. 
A piece of white paper or a clean towel spread on the desk will make a 
good background. Do not take inordinate care to stop the addition of 
base just at the end point. Rather, tit rat e rapidly and, if the end point 
is over-run, back-titrate by adding acid until the solution is just color- 
less, and then add base dropwise until a single drop imparts a pink 
color which pervades the entire solution when the liquid is well mixed 
by swirling. The color should persist at least 15 seconds. At the end 
of the titration, rinse off the tip of both burets with a little water. If 
this changes the color of the solution, add a drop of acid or base, as 
needed, to restore the end point. Finally, read both burets accurately. 
Record the data in tbe notebook as shown in Table 12. ISo indicator 
blank is needed for this titration. Verify this by adding a drop of 
phenolphthalein to 50 ml distilled water in a flask and a drop of the 
base solution. The intensity of color imparted should be considerably 
greater than t he color taken as the end point of the titration. 

Compute the volume of acid equivalent to 1 ml base: 


1 ml base = 


volume acid (with buret corrections) 
volume base (with buret corrections) 


If the ratio is less than 0.8, the base solution should be made stronger 
by addition of more of the 1:1 solution, and the comparison repeated. 
If the ratio is greater than 1.2, the base solution has been made too 
strong. In this case, the acid solution should be made stronger by 
addition of the computed amount of 12 N II Cl. 

Obtain three comparison values whose average deviation, taken as 
described in Chapter 4, does not exceed 1 part per 1000. When a satis- 
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factory comparison is obtained, proceed with standardization, following 
the method specified by the instructor. If this cannot be done on the 
same day, empty the burets, and discard the solutions taken from them. 
Fill the burets with distilled water, after a preliminary rinsing, and allow 
to stand. 

Note. There is l<\ss absorption of OO 2 when acid is titrated by base than when the 
titration is made in the reverse direction. Explain. 


TABLE 12 


Comparison of Strength of Acid and Base 


Notebook Record 


ITCl 

37.02 (-0.0(>) * 
1.10 ( 0.00) 

37.80 

1.10 

NaOH 
37.07 (+0.05) 
0.S3 ( 0.00) 

37.12 

0.83 


36.70 


30.21) 

41 .10 (-0.08) 
0.20 ( 0.00) 

41.02 

0.20 

40.45 ( + 0.00) 
0.15 ( 0.00) 

40.51 

0.15 


40.70 


40.30 

41.15 (-0.08) 
0.73 ( 0.00) 

41.07 

0.73 

40.01 (+0.00) 
0.17 ( 0.00) 

40.07 

0.17 


40.34 


39.90 

41.25 (-0.08) 
0.50 ( 0.00) 

41.17 

0.56 

40.41 (+0.00) 
0.26 ( 0.00) 

40.47 

0.26 


40.61 


40.21 




Average 


0.001 1 

Average deviation = -- or — 


* Buret correction. 

t Note that 1.000 ml base = 1.011 ml acid. 


ml IIC1 f 
ml NaOH 

1.013 

1.010 

1.011 

1.010 

1.011 


Deviation 

0.002 

0.001 

0.000 

0.001 

0.001 


STANDARDIZATION 
Potassium Acid Phthalate 

When carbonate-free base is used, potassium acid phthalate is one of 
the best primary standards. It is readily available in pure form (from 
the Bureau of Standards or several chemical manufacturers), is non- 
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hygroscopic, is stable on drying, has a high equivalent weight, and is 
about the same acid strength as the common organic acids such as 
acetic acid, rhenolphthalein and thymol blue are suitable indicators 
for the titration. 

Procedure. Put 4 g (trip scale) potassium acid phthalate (IvHP) 
of assay value 99.95 per cent or higher in a clean weighing bottle, and 
dry in an oven at 110°C for an hour or more. Stopper the bottle, and 
store in a desiccator. Weigh into 250-ml wide-mouth Erlenmeyer 
flasks three portions of 0.7 -0.9 g KHP with an accuracy of 0.5 mg, and 
dissolve in about 50 ml distilled water. Add a drop of plienolphthalein 
indicator, and titrate with base solution (if the buret has been filled 
with water remember to rinse well with the solution), as in the compari- 
son of acid and base. Try to stop the titration just at the end point. 
If the end point is over-run, do not discard the determination, but back- 
titrate with the acid which has previously been compared with the base. 
If this is done, compute the volume of base equivalent to the acid used 
in back titration, and subtract from the total volume of base to get the 
net volume required to titrate the KHP. 

Record the data for the weight of the samples and the buret readings 
on the left-hand page of the notebook as the measurements are made. 
Apply buret corrections and summarize the data on the right-hand 
page of the notebook, as shown in Table 13. Compute the normality 
of the base solution for each sample and the average value. The equiva- 
lent weight of potassium acid phthalate is 204.2. From the average 
value and the previously determined ratio of acid to base compute the 
normality of the acid. 1 The average deviation for the separate samples 
should not be greater than 1-2 parts per 1000. 

Mark the average normality values on the labels of the acid and base 
bottles. Present the notebook to the instructor for approval. 

Errors . Since this is the first quantitative determination for most 
students, it is advisable to review the sources of error (see page 94). 
We may classify these as general errors applying to all volumetric de- 
terminations and as specific for this particular determination. 

The most probable general errors are : 

1. Loss of sample or of solution, by leaky burets, faulty transfer, and 
so on. 

2. Contamination or dilution of solutions because of failure to rinse 
burets. 

1 A student error of frequent occurrence is to use the wrong value for the acid-base 
ratio. From the comparison titrations, note whether the acid or base is the stronger, 
and take care to use the proper ratio to give a higher or lower acid normality, as the 
case may be. If 1.000 ml base = 1.011 ml acid, the base is stronger. Therefore the 
acid normality is less than that of the base. 
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TABLE 13 

Standardization of Base and Acid Solutions with Potassium Acid Phthalate 

Notebook Record 


Sample No. 

I 

II 

III 

Weight KIIP 

0.7835 

0.8460 

0.8035 

Corrected weight (for purity) 

0.7831 

0.8456 

0.8031 

Corrected volume of base 
Corrected volume of acid in 

40.35 

42.00 

39.96 

back titration 

Volume base = volume acid 

1.52 

0.00 

0.00 

used 

1.50 

0.00 

0.00 

Net volume base 

38.85 

42.00 

39.96 

Milliequivalents KHP 

3.835 

4.141 

3.933 

Normality of base 

Average normality 

0.0987 

0.0986 

0.0986 

0.0984 

Deviation 

Average deviation 

Normality of acid 

0.0001 
0.0001 or 
1/985 
0.0975 

0.0000 

0.0002 


Purity of KHP, 90.95% 

1.000 ml base = 1.011 ml acid 


3. Purity of standard. An error from this source will not be shown in 
the data since it will affect all the duplicate results in the same manner. 
Failure to dry the potassium acid phthalate will of course affect the 
purity factor. 

4. Weighing errors. 

5. Faulty reading of burets. 

6. Failure to allow time for drainage before reading the burets, or 
improper calibration values for the burets. Errors from these sources 
will in general not exceed 0.1 ml and will not greatly affect the results. 

The specific error of most frequent occurrence is the presence of 
carbonate in the base solution. As shown in the next chapter, carbonate 
is only half neutralized at the pH of the phenolphthalein end point and 
if present will buffer the solution so that a sharp change in pH will not 
be obtained with a drop of solution. Consequently the end point is not 
sharp if much carbonate is present. 

A certain amount of carbonate is always present in a base solution 
prepared in this manner, but it is usually not enough to affect the sharp- 
ness of the end point. Although it is only half-neutralized at the phenol- 
phthalein end point, this causes no error because the solution is used 
for the analysis of samples in exactly the same way as in the standardi- 
zation. Therefore, the neutralization equivalent of a milliliter of solu- 
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tion is the amounts of NaOH and Na 2 C0 3 that have reacted when the 
phenolphthalein end point is reached. 

It may be pointed out that the normality value obtained for the II Cl 
solution is not dependent on the presence or absence of carbonate in the 
base solution. In effect, the IIC1 solution is compared with a weighed 
sample of potassium acid plithalate by means of the amount of base 
which under the same conditions reacts with unit quantities of acid and 
plithalate. 

Sodium Carbonate 

If properly used, sodium carbonate is a very reliable primary standard. 
It is cheap, readily available in high purity and known assay value, 
stable on drying, and noil-hygroscopic. An advantage is that it may 
be used for direct standardization of acid solutions which arc to be used 
for the analysis of carbonate samples, thus giving the same type ol end 
points in standardization that will be obtained in the analysis. A dis- 
advantage is that direct titration of sodium carbonate with 0.1 A acids 
does not give a good end point unless the solution is boiled to expel 
carbon dioxide. 

Before carrying out this standardization, the student should read the 
discussion of carbonate titrations on page 135. 

Procedure. Place about 1.5 g sodium carbonate of known assay 
value in a weighing bottle, and dry at 110°C 1 . Stopper the bottle, and 
cool in a desiccator. 

Weigh out to the closest 0.1 mg three samples of 0.2 to 0.25 g and 
transfer to wide-mouth 250-rnl Krlenmevcr flasks. Dissolve in about 
50 ml distilled water, and titrate according to the procedure of page 
130, beginning with the star. Use the previously compared NaOH 
solution for back titration. 

Record all data as taken on the left-hand page of the notebook, 
and make a summary table on the right-hand page like that, shown in 
Table 13, substituting Na 2 U0 3 for KIIP. In the computation of the 
normality determine the net volume of HC1 used for reaction with the 
carbonate by subtracting from the total volume the amount oi HC1 re- 
quired to react with the NaOH used in back titration. (Apply buret 
corrections to all readings.) From the net volume of HC1 and the 
weight and purity of Na 2 C 03 used, compute the milliequivalents per 
milliliter of HC1. 

Errors . General titration errors are discussed on page 94. The only 
probable specific errors are loss of acid in boiling the solution, if too 
large an excess has been added, and failure to cool the solution to room 
temperature before the titration is completed. 
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Constant-boiling Hydrochloric Acid 

Standardization by this method is not widely used as a student 
exercise because of the time required to set up equipment and distil 
the acid. This is a very useful method for the commercial laboratory, 
however, because it is convenient to prepare and keep a large quantity 
of the constant-boiling solution as a stock solution which can be diluted 
readily to give a solution of any desired concentration. The constant- 
boiling solution keeps well because liquid and vapor are of the same 
composition, and evaporation does not change the strength. 

A convenient student exercise is the preparation of a standard 0.1 N 
solution from stock solution supplied by the instructor. 

Procedure. Preparation of Stock Solution. Set up a distillation 
outfit as shown in Fig. 18, page 142, but replacing the Kjeldahl flask 
with a 2-1. round-bottom boiling flask. With a hydrometer determine 
the density of the concentrated 1101 supplied, and by reference to a 
handbook determine the percentage composition of this solution. Com- 
pute the volume of concentrated 1 1 01 required to make 1 1. of acid with 
density 1.10. Measure out the computed volume, and add sufficient 
water to dilute it to a liter. Pour the diluted solution into the flask, 
connect to the condenser, and distil at a constant rate of 3-4 ml per 
minute. When about 850 ml of distillate has been collected, pour it 
into the side shelf bottle labeled 7 N 1101, then continue the distillation, 
and collect as sample the next 350 ml. This completes the distillation. 
Pour the remainder of the acid in the boiling flask into the 7 N HC1 
bottle (for use as laboratory reagent). Record the barometric pressure 
at regular intervals during the distillation. Preserve the 350-ml sample 
of distillate (middle portion) in a dry glass-stoppered bottle. 

From the average barometric pressure, compute from the data of 
Table 14 the composition of the distillate. Interpolate as described on 

TABLE 14 

Composition of Constant-boiling Hydrochloric Acid 



Weight {in Air) of 

Difference in W eight 


Distillate per mole 

per 10-mm 

Pressure 

HC1 

Pressure 

{mm Hg) 

{grams) 

{grams) 

770 

180.407 


760 

180.193 

0.214 

750 

179.979 

0.214 

740 

179.766 

0.213 

730 

179.555 

0.211 


Foulk and Hollingsworth, J. Am. Chem. Soc ., 46, 1220 (1923). 
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page 118 for the exact pressure and composition. Label the stock bottle 
showing the weight of distillate to contain 1 mole of HOI (weight in air). 

Procedure. Preparation of 0.1 IS Solution from Stock Solu- 
tion. Weigh a small glass-stoppered bottle to the nearest milligram 
(preferably a weighing bottle if it lias sufficient capacity). Clean and 
dry a small graduated cylinder, and rinse once with 2 ml of the stock 
solution prepared in the previous exercise. Measure out a volume of 
16-18 ml stock solution, and pour into the bottle. Stopper, and weigh 
to the nearest milligram. 

Transfer the weighed solution quantitatively (see page 86) to a 1-1. 
volumetric flask. Wash out the bottle thoroughly, taking care to avoid 
any loss of washings. Dilute to the mark of the volumetric flask, and 
mix thoroughly. Compute the exact normality of the solution. 

Label the diluted solution. It may be stored in the volumetric flask 
or transferred to a dry glass-stoppered bottle. 

A 0.1 N base solution can be standardized by comparison with the 
standard II Cl previously prepared. If the base is carbonate-free, follow 
the procedure of page 128. If carbonate has not been removed from 
the base, titrate as described on page 136, beginning with the marginal 
star. 


Gravimc't rie Standardizat ion 

Hydrochloric acid can be conveniently and accurately standardized 
gravimetrically by precipitation of AgCl which is filtered out, dried, 
and weighed. In fact, most of the standard substances have been 
tested at one time or another by comparison with the results of gravi- 
metric standardization. Ordinarily this method is not required in 
student training, but it is one which every analyst should know, for 
use when other methods are lacking. 

Procedure. Prepare approximately 0.1 A II Cl by dilution of con- 
centrated HC1 from a freshly opened bottle which has not been exposed 
to ammonia fumes. Since this method determines the total chloride, it 
is essential that all the chloride ion be that from IIC1. Precipitate and 
weigh the chloride as AgCl, following the procedure of page 381. From 
the weight of AgCl obtained, compute the milliequivalents of chloride 
per milliliter. 

ANALYSES 

The analyses of this section illustrate the most common types of 
acid-base determinations; they are: (1) determination of weak acids, 
(2) determination of carbonate or other salts of weak acids, and (3) 
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analysis of concentrated solutions. The determination of strong acids 
and bases has been illustrated in the comparison of the acid and base 
solutions. 

Determination of Weak Acids 

The procedures of this section are applicable to the analysis of any 
sample of strong acid or any weak acid whose ionization constant is not 
less than about 10~°. For such acids, it is belter to titrate a salt of 
the acid with a strong acid, as in the determination of carbonates. 

Analyzed Sample of Potassium Acid Phthalate. Obtain the 
sample in a weighing bottle according to laboratory instructions for 
student unknowns. Dry in an oven overnight. Stopper the bottle, 
and keep in a desiccator. 

Procedure. Weigh out to the nearest milligram three portions of 
1-4 g each (notes 1, 2) and dissolve in 50-75 ml distilled water in a 
250-ml wido-mouth Erlenmeyer flask. Titrate with standard 0.1 N 
base solution, just as in the standardization. IJse standard HC1 solu- 
tion to baek-titrate if the end point is over-run, but avoid this if possible. 


TABLIO 15 

Sample Report Card for Solid Acid Unknown 


Date 

Name 


Acid Unknown 


Normality of base = 0.1032 



Wt. Sample 

Vol. Base % KHP 


Deviation 

3. 175 g 

38.73 25.70 


0.05 

3.502 

43.30 25.65 


0.00 

3.485 

42.34 25.00 


0.05 


Average 25.65 


0.03 


0.03 

1.2 


Average deviation = — — r which is 

Jd.Ui) 

1000 



Apply buret corrections for all volumes. Correct the volume of base 
for the amount of acid used in back titration (if any). From the net 
volume and normality of the base compute (1) the milliequivalents of 
potassium acid phthalate in the sample, (2) the weight of KHP, and 
(3) the percentage of KHP. Report your results on a plain 3x5-in. card 
as shown in Table 15. The average deviation should not exceed 2-3 
parts per 1000. Present the notebook to the instructor for approval. 
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Notes. 1. Prepared samples may range from about 20 to 90 per cent KHP. The 
size of sample should be so chosen that tit ration will require 30-45 ml. I he instructor 
will specify the size to use. 

2. For samples of this size, it is not necessary to weigh to the nearest tenth of a 
milligram. 

Errors . The same errors may occur as in the standardization. In 
addition, any determinate errors in the value for the normality of the 
base will affect all samples. Lack of homogeneity in the unknown sam- 
ple will cause variations in the individual determinations. It it is sus- 
pected that the sample is inhomogeneous, the analysis may be repeated 
using a single sample of five times the weight of individual samples. 
This is dissolved, diluted to 250 ml, and 50-ml aliquot portions are 
analyzed. 

Prepared Acid Solution. The sample, obtained in a stoppered 
bottle or flask, is a measured volume of 0.5 N sudd. It is quantitatively 
diluted to 250 ml, and aliquot portions are separately analyzed. The 
report shows the milliequivalents of acid received in the total sample. 

Procedure. Obtain the sample as directed by the instructor. Trans- 
fer quantitatively to a 250-ml volumetric flask which has been calibrated 
relative to a 50-ml pipet. Dilute to the mark, and mix thoroughly. 
Rinse the pipet with small portions of the solution, and then pipet out 
four 50-ml portions into 250-ml wi de-mouth Erlcnmeyer flasks. r I itrate 
with standard base solution, as in the standardization with potassium 
acid phthalate, using phenolphthalein indicator. Apply buret correc- 
tions, correct the total volume of base for the amount of acid used in 


Date 


TABLE 16 

Sample Report Card for Acid Solution 


Name 

Volume of aliquot portion = 3- total 
N of base = 0.1005 


Acid Unknown 


rrd Base 

m e Acid 

Deviation 

42.35 

4.256 

0.005 

42.25 

4.246 

0.005 

42.29 

4.250 

0.001 


Average 4.251 

0.004 


Total m e received = 5 X 4.251 = 21.26 

f . . 0.004 _ . _ . 1 

Average deviation = - - - which is — — 
4.251 1UUU 
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back titration (if any), and compute the total number of milliequiva- 
lents received. Report the results on a plain 3x5-in. card, following the 
arrangement shown in Table 16. The average deviation should not 
exceed 1-2 parts per 1000. Present the notebook for approval. 

Errors. The same errors may occur as in standardization. Any 
error of standardization will of course affect all the analyses to the same 
extent. The most frequent student error is failure to mix the solution 
well before taking the aliquot portions. 


Analysis of Bases Which Contain Carbonate 

It is shown in the next chapter that a weak acid of ionization constant 
much less than 10 ~ G cannot be directly titrated by a base, because a 
sharp end point cannot be obtained. In such cases it is possible to 
titrate a salt of the weak acid by a strong acid, provided the proper 
indicator is used. 

The analysis of carbonates by titration with strong acids is of frequent 
occurrence. In this titration, the following reactions occur: 

COs"" + H + = IICO 3 ” near 8 
IIC0 3 ~ + H + = II 2 CO 3 pH near 4 

Reference to the table of indicators on page 166 shows that, at the 
stoichiometric point for the first reaction, phenolphthalein changes 
color and, at the pH of the second reaction, a methyl orange end point is 
obtained. However, at the phenolphthalein end point, the solution is 
buffered, and one does not obtain a sharp end point such as was received 
in the titration of weak acids by sodium hydroxide. At the methyl 
orange end point, the solution contains carbonic acid which decomposes 
into C0 2 and 1 1 2 0 to an extent depending on the temperature and the 
degree of agitation. Therefore, the exact amount of carbonic acid pre- 
sent is not known. Further, in titrations with dilute acids (below 0.5 N), 
the methyl orange end point is difficult to recognize. It is therefore 
better to remove the carbonic acid from solution and to employ an indi- 
cator which will give a sharper color change than methyl orange. Car- 
bon dioxide can be removed by boiling the solution or by vigorous agi- 
tation 2 after sufficient acid is added to neutralize all the carbonate. 
After removal of C0 2 , there remains an unbuffered solution of NaCl 
and any excess acid. This excess can now be back-titrated with stand- 
ard base, using any indicator which will serve for titration of strong 
acids and bases. 


2 R. K. Me Alpine, J. Chem. Ed ., 21, 589 (1944). 
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Determination of the Basic Strength of Soda Ash. The anal- 
ysis of soda ash, crude sodium carbonate, has for many years been a 
standard student exercise in acidimetry. Titration with II Cl to the 
proper end point gives the total basic strength, regardless of whether 
the sample contains NaOII, NaH(X) 3 , or Na 2 C 03 . The results are gen- 
erally reported as the percentage of Na 2 (X) 3 in the sample, but they 
might just as well be reported as Na 2 0 or as NaOII; the report repre- 
sents merely the method of computation, and it does not imply that the 
basic material of the sample is in the form reported. 

The following procedure may be used for the analysis of carbonate 
samples, for standardization of acids by Na 2 0() 3 , and for the analysis 
of base solutions which contain carbonates. After preparation of the 
samples all these analyses are alike. 

Procedure. Obtain the sample in a weighing bottle, and dry in the 
oven. Preserve in a desiccator until needed. Weigh out three (note 1) 
samples of 0.4 to 1.5 g as directed by the instructor (note 2). Transfer 
each to a 250-rnl widc-mouth Erlenineyer flask and dissolve in about 
50 ml distilled water. 

*Add 1 drop methyl orange indicator (note 3) and titrate with 
standard HC1 until a definite color change is obtained, and then add 
about 1 ml in excess. Do not take a buret* reading at this point since 
more acid is required to complete the titration. 

Place the flask on a wire gauze and heat over a free flame until the 
solution comes to a boil (note 4), and tl ion boil gently for about 1 minute 
(note 5). Cool in tap water to room temperature, add 2-4 drops brom- 
cresol green-methyl red mixed indicator, and titrate slowly with stand- 
ard NaOH solution until a green color is obtained. Now back-titrate 
with acid to a pink color, then add base a drop at a time until one drop 
gives a sharp change to green. It is advisable to approach the end 
point by addition of base in every titration. Read both burets, and 
record. No indicator blank is needed. 

Apply buret corrections for all readings and compute the volumes of 
acid and base used. From these and the normalities compute the mil- 
liequivalents of each. Subtract the milliequivalents of base from those 
of acid to obtain the milliequivalents of acid used in neutralization of 
the sample. From the net m e acid and the m e weight of Na 2 C0 3 , 
compute the weight and the percent age of Na 2 00 3 in the sample. Re- 
port on a 3x5-in. card, showing the percentages for the individual sam- 
ples, the average, and the deviations for each sample. Average deviation 
should not exceed 3/1000 unless the sample is very inhomogeneous. ^ 

Notes. 1 . Optionally the instructor may direct to weigh out a single sample ana 
use aliquot portions for the separate analyses, to avoid difficulties due to inhomo- 
geneity of the sample. 
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2. About 4 in e or 0.2 g Na 2 C0 3 should be in each portion, but since the percentage 
purity may vary from 20 to 80 the instructor will specify what size of sample to 
employ. 

3. Methyl orange indicator is used to show when sufficient acid is added to neu- 
tralize the carbonate completely. It, is not a good indicator for use in the final end 
jx>int, because its color change is difficult to see when 0.1 N solutions are used. 
Presence of the methyl orange does not affect the sharpness of the final end point 
of the mixed indicator. If the mixed indicator is used for the first part of the titra- 
tion, it dot\s not show when t he carbonate is neutralized since its color change occurs 
prior to complete neutralization. 

4. According to Me Alpine, 2 vigorous swirling will remove most of the C0 2 . His 
paper should be consulted for details if one wishes to omit the boiling, which does 
take some time. 

5. Some 97 per cent of the C0 2 is removed by 1 minute's boiling. 2 

Errors. Review the discussion of errors in comparison and standardi- 
zation of the solutions. Any error in the normality of the solutions will 
cause a corresponding error in the analysis. 

If the deviations between the samples are large, the analysis should 
be repeated with a single large sample and aliquot portions. 

There should not be too great an excess of acid when the solution is 
boiled. This may cause loss of IIC1 by vaporization. 

The solution should be cooled to near room temperature after boiling, 
before the titration is completed. This is important. 


Analysis of Prepared Solution 

The sample is a measured volume of 0.5 N sodium hydroxide and 
sodium carbonate solution. It is diluted to 250 ml, and aliquot portions 
are analyzed for total basic strength. The total number of milliequiva- 
lents received is reported. 

Procedure. Obtain the sample in a stoppered bottle or flask as 
directed. Transfer quantitatively to a 250-ml volumetric flask, dilute 
to volume, mix thoroughly, and pipet out four 50-ml aliquot portions 
after properly rinsing the pipet. Titrate as directed in the preceding 
exercise, beginning at the star. 

Report the total milliequivalents of base received, following the gen- 
eral arrangement shown in Table 16. Duplicate results should agree 
within 1-3 parts per 1000. 


Simultaneous Determination of Carbonate and Hydroxide 

It is often necessary to determine the carbonate content of an alkali 
solution or to determine carbonate and bicarbonate in the presence of 
one another. Several methods may be used for these analyses. It is 
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shown in the following chapter that, in the titration of carbonate solu- 
tions, there are two points at which the addition of a small amount of 
acid will cause a large change in the hydrogen-ion concentration. The 
first of these occurs at the point where the carbonate is converted into 
bicarbonate, or one equivalent of hydrogen ion is added per nude of 
carbonate. The second occurs when the carbonate is completely con- 
verted into carbonic acid. 

If a solution contains both carbonate and hydroxide, titration to the 
phenolphthalein end point will neutralize all the hydroxide and convert 
all the carbonate to bicarbonate. Titration to the methyl orange end 
point will neutralize all the hydroxide and all the carbonate. If the same 
solution is first titrated to the phenolphthalein end point, then methyl 
orange is added, and the titration continued to its end point, the volume 
of acid required to go from the phenolphthalein to the methyl orange 
end point will represent one-half the total volume required for titration 
of the carbonate. Therefore it is readily determined what volume of 
acid is used for each constituent. This me tho d has the disadvantage 
that the phenolphthalein end point obtained is not sharp.' rFis neces- 
sary to prepare a standard color by adding indicator to a solution of 
sodium bicarbonate and then match this color in the titration. 

A preferable method is to determine the total basic strength, accord- 
ing to the procedure given for the standardization of acid by sodium 
carbonate, by titration of an aliquot portion of the solution. In another 
portion the carbonate is removed by precipitation with barium ion, and 
the hydroxide is determined by titration with standard acid, using 
phenolphthalein indicator. It is not necessary to remove the precipitate 
of barium carbonate before making the titration, if phenolphthalein 
indicator is used, because the color change is obtained before the hydro- 
gen-ion concentration becomes large enough to cause a reaction with 
the precipitate. 

Mixtures of carbonate and bicarbonate are analyzed by determining 
the total alkalinity on one fraction. On another fraction the solution is 
treated with a measured excess of standard base to convert all bicar- 
bonate to carbonate, the carbonate is removed by precipitation with 
barium chloride, and the remaining base is determined by titration with 
standard acid to the phenolphthalein end point. 

Procedure. (Obtain the unknown sample in a stoppered bottle or 
flask. Transfer xo a 500-ml volumetric flask, and dilute to volume. Mix 
well. Withdraw six 50-ml aliquot portions by a calibrated 50-ml 
pipet. 

Determine the total basic strength on three of the portiohg, following 
the procedure -on page 136. 
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Prepare a solution of barium chloride containing about 5 g crystals 
per 50 ml water. Add a drop of phenolphthalein indicator, and make 
the solution just neutral by addition of base or acid as needed. 

To each of the remaining three aliquot portions of the sample, add 
barium chloride solution, drop by drop from a pipet, until no further 
precipitation occurs. It may be necessary to allow the precipitate to 
settle after each addition of barium chloride, to determine when pre- 
cipitation is complete. No harm is done if there is a slight excess of 
barium chloride added. 

To each portion add phenolphthalein indicator, and titrate with 
standard IK '1. If the end point is over-run, back-titrate with carbonate- 
free base. 

From the net amount of acid used for the samples treated with barium 
chloride, compute the m ill ioqui valent s of NaOH. The difference be- 
tween the total basic strength as previously determined and the mil- 
liequivalents of NaOII gives the millequivalents of carbonate. Report 
the total milliequivalents of NaOH and Na a C0 3 in the sample. 


Analysis of Concentrated Solutions of Acids or Bases 

The analysis of concentrated solutions utilizes the same types of 
titrations as the dilute solutions previously described. The only dif- 
ference is in the methods of preparation of samples. The analysis of a 
typical sample may be illustrated by the determination of the strength 
of a concentrated ammonia solution of density near 0.90. This deter- 
mination also illustrates the titration of a weak base by a strong acid. 
Methyl red is used as indicator because the color change corresponds 
to the pi I of ammonium chloride, which is formed in the titration. 

Procedure. Accurately weigh a small dry stoppered bottle. Add 
from a graduated cylinder about 7 ml concentrated ammonium hy- 
droxide solution, stopper the bottle, and reweigh. Transfer the solu- 
tion quantitatively to a 1-1. volumetric flask, dilute to the mark, and 
mix thoroughly. Fill a buret with the diluted solution, and measure 
out 35—15 ml into an Erlcnmeyer flask. Titrate with standard 0.1 N 
IIC1 solution, using methyl red as indicator. 

Compute the total weight of NH 3 in the sample and the percentage 
by weight. 

Obtain a hydrometer from the instructor, and determine the density 
of the concentrated ammonia from which the sample was taken. From 
the percentage by weight and the density, compute the normality of 
the concentrated solution. 
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KJELDAIIL- GUNNING METHOD FOR THE DETERMIN \TION OF 
NITROGEN IN ORGANIC COMPOUNDS 

Nitrogen in 1 lie form of amines or amides may be quantitatively de- 
termined by being converted into an ammonium salt and analyzed by 
the usual volumetric procedures. The process of conversion into am- 
monium salts is accomplished by digesting the organic compound with 
concentrated sulfuric, acid. Carbon and hydrogen are oxidized to car- 
bon dioxide and water, respectively, while nitrogen is converted into 
ammonium sulfate. After digestion is complete, as shown by the disap- 
pearance of carbon, the solution is made alkaline with sodium hydroxide, 
and the liberated ammonia is distilled into a measured volume ot stand- 
ard sulfuric acid solution. The amount of ammonia is estimated by 
titrating the remaining sulfuric acid with a standard base solution. This 
method for the determination of nitrogen is known as the Kjeldald 
process. Nitrogen present as azo compounds or as nitro derivatives is 
not detected in analyses performed by the method as outlined, but, if 
the sample is first reduced, so as to convert- the nit rogen into an amine, 
t v Kjeldalil method may be used. Nitrates may be included in a regu- 
lar Kjeldahl analysis, if means are provided for preventing the escape 
of nitric acid and reducing the nitrogen to ammonia. Treatment ol the 
sample with a salicylic acid-sulfuric acid mixture serves to prevent 
escape of nitric acid, because salicylic acid reacts with the nitric acid 
liberated, giving nitrated derivatives. After fixation of the nitrogen in 
this manner, it may be reduced by treating the sulfuric acid solution 
with sodium thiosulfate, prior to digestion. The thiosulfate servos to 
reduce the nitrated salicylic acid to corresponding amine derivatives. 

Many modifications of the Kjeldahl method have been proposed, and 
many catalysts have been used to aeeelerate the digestion process. 8 In 
the dunning modification, which is widely used, no catalyst, is employed, 
but the sulfuric acid solution is nearly saturated with sodium or potas- 
sium sulfate. The salt elevates the boiling point, and thus, by permit- 
ting higher digestion temperatures to be employed, accelerates the 
process. 

Directions are given in the following procedures for the analysis of 
dried-blood samples. They do not contain nitrates. If commercial 
fertilizers or other samples which may contain nitrates are to be ana- 
lyzed, modifications of the procedure are necessary. See standard ref- 
erence books, such as Official and Tentative Methods of Analysis of the 

8 See, for example, C. F. Poe and M. E. N alder, Jnd. Eng. Chnn Anal. Ed. f 7, 
189 (1935). A method which eliminates the distillation has been suggested by 
K. Marcali and W. Rieman, Anal. Chcrn., 18, 709 (1940). 
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adapter. Titrate the remaining sulfuric acid with standard 0.1 AT 
NaOH, using methyl red indicator. From this titration and the amount 
of acid originally present, compute the milliequivalents of acid neutral- 
ized by the ammonia which was liberated from the sample. Run a 
blank (note G) determination by digesting and analyzing a 1-g sample 
of some non-nitrogen ous organic substance such as sugar. Subtract 
the milliequivalents of acid neutralized in the blank from the amount 
found in the analysis. Multiply the net milliequivalents of acid by the 
atomic weight of nitrogen in order to obtain the weight of nitrogen in 
milligrams. Compute the percentage of nitrogen in the sample. Dupli- 
cate results should agree within 0.3 per cent (note 7). 

Notes. 1. If it is available, use “sodium hydroxide flake, 76 per cent for nitrogen 
determination.’ ' This is considerably cheaper than the reagent-grade pellets and is 
just as satisfactory. 

2. All manipulations, after the alkali solution is mixed, should be performed 
rapidly in order to prevent loss of ammonia. For this reason also the solutions must 
be cold before mixing. 

3. Granulated zinc aids in preventing bumping during distillation. 

4. The test is very important for beginning students. Often too much acid is 
used, and an attempt is made to distil ammonia from a solution which is still acidic. 

5. This is to prevent the solution from sucking back into the Kjeldahl flask as it 
cools. 

0. A blank is essential, since contamination of reagents or absorption of ammonia 
during the analysis may readily lead to results far too high. 

7. The precision to be desired is not 3 parts per 1000, but rather an agreement 
of 0.3 per cent in the percentage of nitrogen in the sample. Thus, 7.60 and 7.90 per 
cent represent, acceptable results, although the agreement among these results is 
only 30 parts per 790, or 38 parts per 1000. 

Errors. The more frequent errors, in addition to those common to 
all aculimetric determinations, are due to the following mistakes: 

1. Spray is carried over into the receiver from the alkaline solution in 
the digestion flask. Tf a very high result is obtained, it is almost certain 
to be due to this error. 

2. Ammonia may be absorbed during digestion of the sample or by 
the standard sulfuric acid during the distillation. 

3. If the initial distillation is made too rapidly, ammonia may escape 
through the acid solution without being absorbed. See II. S. Miller, 
lnd. Eng . Chem ., Anal. Ed., 8, 50 (1936), for a discussion of this error. 
Steam distillation minimizes this source of error. 

Boric Acid Modification. This method, suggested by Winkler 4 in 
1913, has in recent years received very favorable attention. It appears 
to be fully as accurate as the older method of absorption of ammonia in 

4 L. W. Winkler, Z. angew. Chem., 26, 231 (1913). 
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a measured volume of sulfuric acid, and it saves a great deal of time. In 
this method, the liberated ammonia is absorbed in a 4 per cent boric acid 
solution, the volume and concentration of which need not be accurately 
determined. The amount of ammonium borate formed is determined by 
titration with standard hydrochloric acid. The indicator used, brom- 
cresol green, gives an end point at a hyd regen-ion concentration cor- 
responding to a solution of ammonium chloride. Boric acid itself is so 
weak that it has no appreciable influence on the hydrogen-ion concen- 
tration. The reactions are: 

NII 3 + HBO a = NII 4 + + B0 2 ~ 

H+ + bo 2 “ = iibo 2 

Procedure. Carry out digestion, distillation, and so on, just as in 
the preceding directions, but replace the sulfuric acid absorbent with 
approximately 50 ml 4 per cent boric acid solution. When the distilla- 
tion is complete, remove the absorption flask, as previously directed, 
and titrate with standard 0.1 N hydrochloric acid, using bromcrcsol 
green indicator. 

Determination of Ammonia in Soluble Salts 

Ammonia, in the form of a soluble salt, may bo determined by a 
modification of the Kjeldahl procedure. No digestion is needed. The 
solution is placed in a Kjeldahl flask, treated with excess sodium hy- 
droxide solution, and the liberated ammonia is distilled into a measured 
volume of standard sulfuric acid. The excess acid is then determined 
by titration with a standard base solution. The boric acid method may 
advantageously be used if desired (see previous paragraph). r lhis exer- 
cise is often substituted for a Kjeldahl determination in elementary 
courses because no digestion is needed; the sample can be a measured 
solution of ammonium sulfate of known concentration. 

Procedure. Dilute the sample, which contains 20—25 in e of ammo- 
nium sulfate, to a volume of 250 ml, and measure out three 50-ml ali- 
quot portions with a pipet. Add to each portion 150 ml water, and 
place each portion in a 500-ml Kjeldahl flask. Set up a distillation 
apparatus as described in the preceding section, with a measured 50-ml 
portion of 0.2 N sulfuric acid (or boric acid) in the receiving vessel. 
Pour into the Kjeldahl flask a solution of 10 g sodium hydroxide in 50 
ml water, mix by shaking, and immediately connect the flask to the dis- 
tilling apparatus. Slowly distil over about half of the solution, and 
complete the analysis as described in the preceding exercise. Compute 
the total number of milliequivalents ammonium salt received. 
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QUESTIONS 

1. Should unusod portions of liquid bo returned from a buret to the stock bottle? 
Why? 

2. Compute the probable error, in milliliters, in making four buret readings and 
in locating the end point of a titration. Sum these to obtain the total error that 
might be introduced in these operations. What precision, in parts per 1000, is indi- 
cated when the volume of the standard solution is 10 ml? When the volume is 45 ml? 

3. Does the volume of water in which the KI1P is dissolved for titration influence 
the normality determined for tin* NaOH? 

4. HCl is standardized by Nh 2 C() 3 using methyl orange indicator and titrated cold. 
Is an indicator blank required? Why? 

5. An organic acid has a molecular weight of approximately 200. It is water- 
soluble. (Jive detailed direct ions for the determination of its equivalent weight. 
Ho\n is it, necessary to modify the procedure if the acid is not readily soluble in water? 
If the equivalent weight, is found to be 08.7, what can be said about the molecular 
weight, and the structure of the acid? (live illustrative calculations for this deter- 
mination, assuming that the equivalent weight is 98.7. 

(3. (Jive a detailed procedure for the determination of the percentage of ammonia 
in eiude ammonium sulfate. Illustrate* your procedure by a typical computation. 

7. Although in the standard Kjeldahl procedure the titration which follows the 
distillation is that of a strong acid vs. a strong base, a serious error will result if 
phmiolphthalein is selected as the 1 indicator. Explain. 

8. Could the 1 total nitrogen content of NJI4NO3 be measured by the procedure 
described in the text? 

0. Concent rated sulfuric acid, which contains about 95 per cent acid by weight, 
is to be analyzes 1 by use of a 0.1 A 7 base solution, (live detailed directions, including 
approximate 1 weights and volumes, for this determination. How would the directions 
be modified if the standard base solution were 1 A ? 

10. A sample' may be one 1 of the 1 following: NaOH, Na2C() 3 , NaHC0 3 , NaOH and 
Na 2 C() 3 , or NaIIC0 3 and N112CO3. If A represents the milliliters of standard acid 
to roach the 1 phenolphthaloin end point and H the volume 1 of acid to go from this 
end point to the* methyl red end point, state the composition of the sample for each 
of the 1 following cases: 

(«) 71-0 

{b) A = 0 

(c) A = 13 

(d) A > B 


PROBLEMS 


1. A solution of sodium hydroxide is standardized by potassium acid phthalato of 
assay valuer 99.95 per cent. Prom the following data compute the normality of the; 
base: 


Weight potassium acid phthalato 0.8573 g 
Buret residing before titratiem 0.00 

Buret muling after titration 45.53 

Buret correction —0.03 


Is an indicator blank necessary in this titration? Explain. 

2. The base solution of Problem 1 was compared with an acid (HCl) solution. 
From the following data compute the normality of the acid. 
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Readings: Acid Buret 

45.63 
0.17 

Correction: 0.06 


Base Buret 
43.25 
0.00 
-0.03 


Phenolphthalein indicator was used. The blank required 0.02 nil of the base solut ion. 

3. Acid and base solutions were standardized by use of sodium carbonate. From 
the following data compute the normality of the two solutions: 


Comparison of acid and base, 

Readings: Acid Buret 

38.85 
0.14 

Correction : 0.04 


with methyl orange indicator 

Base Buret 
42.46 
0.12 
0.03 


The indicator blank requires 0.23 ml of the acid solution. 


Weight of sodium carbonate = 0.2547 g 
Purity of sodium carbonate = 90.9 per cent 

Back titration is used; the bund readings are as follows in the standardization, 
which employs methyl orange indicator. 


Readings : A eid B u ret 

44.35 
0.04 

Correction : 0.06 


Base Buret 
0.57 
0.06 
0.00 


The solution is boiled to expel carbon dioxide*, and the indicator blank correction 
is applied. 

4. Acid and base solutions are standardized by use of sulfamic acid, which is 
assumed to be pure. From the following data compute the normality of the solut ions: 

Comparison: 47.88 nil of the acid solution = 45.33 nil of the base solution, after 
corrections are applied for buret calibration and indicator blank. 

Standardization: 0.3501 g sulfamic acid is titrated with 44.25 ml of the base 
solution; 1.15 ml of the acid solution is needed for hack titration. 

5. A sodium hydroxide solution is standardized with benzoic acid. A 1.8810-g 
sample of the acid is neutralized by 32.25 nil of the base solution. What is the 
normality? 

6. How much of the hast* solution of Problem 5 is needed to prepare 500.0 ml of 
the base solution of Problem 1? 

7. A weighed crystal of culcite, CaC() 3 , is dissolved in excess HOI and the solution 
boiled to remove carbon dioxide*. The unneutralized acid is then titrated by a base 
solution which has previously been compared with the acid solution. From the fol- 
lowing data compute the normality of the acid and base solutions: 


Weight calcite 2.100 g 

Volume HC1 added 47.00 ml 

Volume NaOH used in back titration 15.75 ml 
Comparison of acid and base 40.15 ml acid = 30.00 ml base 

Methyl orange indicator is used, but, no indicator blank is needed because of 
the strength of the solutions (less than 0.02 ml of acid T s used in the blank). 
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8. The following normalities were found for a solution which contains 5.000 m e 
of H2SO4 in 20.00 ml: 

0.2452, 0.2450, 0.2454. 

Which of the following errors are likely to be involved in this analysis? 

(а) Failure to apply an indicator blank. 

(б) Erratic end points. 

(c) Spilling a few drops of solution in one titration. 

(d) Use of an uncalibrated volumetric flask. 

( e ) Parallax. 

9. A 0.8350-g sample of KHP was incorrectly recorded in the notebook as 0.85.30 
g. 37.16 ml of NaOH was required for titration. By how many parts per thousand 
does the apparent value of the normality differ from the true value;? 

10. 37.93 ml of a 0.1157 N IICl is required to titrate the Na 2 00 3 in a sample. The 
end point- is over-run by three drops (0.12 ml). What error is made in terms of milli- 
grams of Na 2 C0 3 reported? 

11. Would a 0.5000-g sample of Na 2 C0 3 be of a satisfactory size for the standardi- 
zation of half normal IICl? Explain. 

12. What range of sample weights would you suggest- for the standardization of 
0.5 N NaOH by use of KIIP? How carefully should these samples be weighed? 

13. What- size sample* of sulfamic acid should be used for tin; standardization of 
0.01 N KOH? Would you suggest using individual sample's or taking aliquots of a 
large sample? 

14. A sample contains approximately 4 per cent Na 2 C0 3 , and the remainder is 
inert material. How large' a sample should be taken fe>r analysis if the; titration is 
to be carried out with 0.1 A r IICl? How carefully should the sample be w T e;ighcd? 

15. What is the succinic acid (H 2 C4H-i04) titer of 0.025 M Ba(OH) 2 on the basis 
of complete neutralization? 

16. What- weight of a barium liyelroxide sample shall be taken for analysis so t-hat 
each milliliter of 0.1000 A r HC1 re*presents 0.5000 per cent Ba(OII) 2 in the sample;? 

17. What is the normality of a solution of H0SO4 sue;h that- e'ach milliliter is equiva- 
lent to 2.000 per cent Na 2 0 in a 0.2500-g sample of soda ash? 

18. 8.993 g of constant-boiling IICl prepared at, 755 mm is diluted to 500 ml. 
21.05 ml of this acid is equivalent to 38.73 ml of NaOH. What are the normalities 
of the acid and base solutions? 

19. What weight- of constant -boiling IICl prepared at 740 mm should be weighed 
out to prepare 250.0 ml of 0.2000 N solution? 

20. A 16.24-ml sample of vinegar of density 1.060 requires 48.24 ml of 0.3564 N 
base for titration. What, is the percentage by weight of acetic acid in the vinegar? 

21. From the following data calculate the percentage purity of a sample of KHSO4*. 

Weight of sample 1.2118 g 

Volume of NaOH used 26.28 ml 

Volume of IICl used 1.53 ml 

1.000 ml IICl = 1.206 ml NaOH 

1.000 ml IICl = 0.02198 g Na 2 C0 3 (99.5% pure) 

22. A solution of HC1 is of such strength that 50.00 ml react with 0.2600 g calcitc. 
This acid is used to determine the percentage purity of a sample of Ba(OH) 2 from 
the following data: 
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Weight of sample 0.4213 g 

Volume of HCl used 34.51 ml 

Volume of NaOH used 2.44 ml 

1.100 ml HCl = 1.220 ml NaOH 


23. Obtain the percentage of CaO in a sample of limestone from the following data: 


Weight of sample 

1.5000 g 

Volume of HCl used 

40.00 ml 

Volume of NaOH used 

3.00 ml 

1.000 ml HCl — 1.500 ml NaOH 
Normality of the NaOH 

0.3333 

24. Express the results of Problem 23 as percentage of CaC03 in the limestone. 

25. From the following data calculate the percentage purity of a sample of succinic 

acid, H 2 (C 4 H 4 0 4 ): 


Weight of sample 

0.2462 g 

Volume of base 

38.46 ml 

Volume of acid 

2.00 ml 

Normality of base 

0.1120 

1.000 ml acid = 1.500 ml base 

26. The analysis of a mixture of sodium chloride and partially hydrated sodium 
carbonate produced the following data. Calculate the percentages of NaCl, Na2COs 

and H2O in the sample. 


Weight of sample as received 

1.2000 g 

Weight after drying at 110°C 

1.1000 g 

Volume of acid 

43.65 ml 

Volume of base 

3.65 ml 

Normality of acid 

0.1000 

Normality of base 

0.1250 


27. From the following data decide whether the sample is HoC20 4 -2H20, KHP, 
or citric acid, ^(CcHsC^): 

Weight of sample 0.2245 g 

Volume of NaOH used 30.00 ml 
31.75 ml NaOH - 35.11 ml of 0.1056 V HCl 

28. 9.05 g of a NH3 solution is treated with 50.00 ml of 0.4982 N II2SO4; 21.64 ml 
of 0.1016 V NaOlI is required for back titration. What is the percentage of NH3 
in the solution? 

29. 45.50 ml of 0.2020 V NaOH is required to neutralize a 0.5000-g sample of a 
crystalline organic acid. What is the equivalent weight of the acid? If the acid is 
dibasic and completely neutralized in the titration, how many grams of it are re- 
quired to prepare 300 ml of a 0.400 M solution? 

30. The “saponification number” of a fat or oil is defined as the number of milli- 
grams of KOH required to saponify 1 g of fat or oil. To a sample of butter weighing 
2.010 g is added 25.00 ml of 0.4900 V KOH solution. After saponification is complete, 
8.13 ml of 0.5000 V HCl is found to be required to neutralize the excess alkali. 
What is the “saponification number” of butter? 
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31. 50.00 ml of HC1 solution yielded a precipitate of AgCl which weighed 1.1200 g. 

(a) How many milliliters of the HC1 solution are needed to prepare 100.0 ml 
of 0.1000 A solution? 

(b) To what volume should 100.0 ml of the HC1 solution be diluted to prepare a 
0.1500 A solution? 

32. A solution of H2SO4 which is approximately 52 per cent by weight is in equilib- 
rium with air of average moisture content and is recommended as a stock solution 
to be prepared, standardized, and preserved for the preparation of standard solutions 
of desired concentrations. 

(а) By reference to a handbook, what is the approximate specific gravity to 
which concentrated sulfuric acid should be diluted to prepare the acid? 

(б) How many grams of water should be added to 100 g of 95 per cent H2SO4 
to prepare the solution? 

(c) If 1.000 g of an approximate 52 per cent solution gave a precipitate of BaS0 4 
which weighed 1.245 g, what weight of solution should be taken to prepare 500.0 
ml of exactly 0.1000 A solution? 

33. How many milliliters of 0.5193 A NaOH should be added to exactly 1 1. of 
0.0975 A NaOH to make a 0.1000 A solution? 

34. To what volume must 50.00 ml concentrated nitric acid, density 1.4450 g per 
milliliter containing 78.00 per cent IINO3 by weight, be diluted to contain exactly 
10 g IINO3 per 100 ml (10 weight-volume per cent)? 

35. Compute the percentage by weight in the diluted nitric acid solution of 
Problem 34. Use a handbook for the necessary density table, interpolating if neces- 
sary 0 

36 How much water must be added to 50.00 ml of the concentrated nitric acid 
solution of Problem 34 to prepare a solution which is exactly 10 per cent by weight? 

37. 1.000 g of a crude ammonium salt is treated with concentrated KOH, and the 
liberated NH3 is distilled and collected in 50.00 ml of 0.5000 A HC1. 1.50 ml of 
0.5010 A NaOH is required for back titration. Compute the ]>ercentage of NH3 in 
the sample. 

38. A 0.5000-g sample of urea, CO(NH 2 ) 2 , is treated by the Kjeldahl procedure 
and the NH 3 distilled into 50.00 ml of 0.4861 A H 2 S0 4 . How much 0.4967 A KOH 
will be required for back titration? 

39. If the NH3 of Problem 38 had been absorbed in boric acid, what volume of 
an II Cl solution made by diluting 80.00 g of constant-boiling IiCl distilled at 746 mm 
to 1.000 1. will be required to reach the bromcresol green end point? 

40. What weight of sample should be taken for a Kjeldahl analysis by the boric 
acid modification so that the volume of 0.5051 A H 2 S0 4 used will be equal to the 
percentage of nitrogen in the sample? 

41. A fertilizer sample is known to contain about 5 per cent nitrogen. A Kjeldahl 
analysis is to be made, using boric acid as the absorbent for ammonia. If the avail- 
able acid solution is 0.1 A, what weight of sample will be taken for the analysis? 
Would it be desirable to weigh out a large sample for the digestion, and to use a 
^ aliquot portion for the distillation? Explain your answer. 

42. Nitrates may be determined by a procedure similar to that of the Kjeldahl 
method. The sample, dissolved in sodium hydroxide solution, is treated with 
Davorda’s alloy (50 per cent Cu, 5 per cent Zn, 45 per cent Al), which reduces the 
nitrogen to ammonia. The ammonia is distilled from the sodium hydroxide solution 
and absorbed in an acid solution, just as in the Kjeldahl analysis. From the following 
data compute the percentage of potassium nitrate in a sample: 
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Weight of sample 2.123 g 

Volume of acid 50.00 ml 

Normality of acid 0.5000 

Base for back titration 12.01 ml, 0.4620 N 

43. A sample of sodium hydroxide contains 95.0 per cent NaOH and 3.00 per cent 
sodium carbonate. If 4.25 g of this material is dissolved and diluted to exactly 
1 1., (a) what is the normality of the solution when it is employed in titrations with 
phenolphthalein indicator; ( b ) what is the normality when methyl orange indicator 
is used? 

44. A sample contains sodium hydroxide and sodium carbonate: 20.00 ml of 
0.1000 N acid is needed to titrate it to the phenolphthalein end point and an addi- 
tional 5.00 ml of acid to complete the titration from the phenolphthalein to the 
methyl orange end point. How many grams of each constituent are present in the 
sample? 

45. If the sample of Problem 44 contains sodium hydroxide and sodium bicar- 
bonate, how many grams of each substance are present? 

46. A sample which weighed 1.1179 g contains Na2C0 3 , NaOH, and NaCl. It is 
dissolved and titrated with 0.3000 N HC1. 38.16 ml of acid is required to reach the 
phenolphthalein end point, and an additional 24.08 ml of acid is needed to reach the 
methyl red end point. Calculate the percentages of each constituent in the sample. 

47. A solution of crude caustic soda contains 5.000 g in 500.0 ml; 50 ml of this 
solution is titrated by 26.42 ml of 0.3760 N acid to the methyl orange end point. 
Another 50.00-ml portion, after addition of barium chloride, required 22.48 ml of 
acid for titration to the phenolphthalein end point;. Calculate the percentages of 
sodium hydroxide and sodium carbonate in the sample. 

48. From the following data find the percentages of Na2C0 3 and NaHC0 3 in a 
mixture of these chemicals and inert constituents: 

(а) A 0.5000-g sample required 45.50 ml of 0.1050 N IIC1 to reach the methyl 
red end point. 

(б) 25.00 ml of 0.1000 A KOH is added to 0.2500 g of the sample; BaCb is 
added to precipitate the BaC0 3 , and 12.00 ml of 0.1050 N HC1 is required to reach 
the phenolphthalein end point. 

49. To 50.00 ml of a H2C0 3 solution is added 25.00 ml of 0.0500 N Ba(OH)2. 
13.25 ml of 0.0510 N HC1 is required to titrate to the phenolphthalein end point. 
What is the molarity of the H2C0 3 solution? 

50. Titration of Na 3 PC>4 with HC1 to the phenolphthalein end point produces 
Na2HP04; subsequent titration to the methyl orange end point produces Na^PCb. 
Find the milligrams of Na 3 PC>4 and Na2HPC>4 present in a sample which required 

25.00 ml of 0.1200 N H2SO4 to reach the phenolphthalein end point and an additional 

35.00 ml of the acid to attain the methyl orange end point. 

51. State the composition of a dry mixture of Na2HPC>4 and NaOH which would 
behave in solution similarly to the mixture of Problem 50. 

52. A base solution was prepared in the usual manner for removal of carbonate. 
It was found, however, that some carbonate was present. The following titration 
data were obtained: 

49.00 ml of an acid solution is needed to titrate 50.00 ml of the base solution 
to the phenolphthalein end point. 

49.50 ml of the acid solution is needed to titrate 50.00 ml of the base solution to 
the methyl orange end point. 

The volume of acid is corrected for the indicator blank. 
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47.50 ml of the acid solution is needed to titrate a solution of 0.2125 g pure 
sodium carbonate in 50 ml water to the methyl orange end point. No indicator 
blank is taken; the titration is made in the cold. 

(a) Compute the normality of the base solution when it is used with methyl 
orange indicator. 

(b) Compute the normality of the base solution when it is used with phenol- 
phthalein indicator. 

(c) The base solution is separately standardized by potassium acid phthalate of 
assay value 95.5 per cent. What weight of phthalate will react with 50.00 ml of 
the base? 

53 . An acid is 0.1000 N at 20°C. What is its normality at 30°C if it is assumed 
that the density of the solution is the same as that of water? 

To solve the following problems reference must be made to the section on indirect 

analysis on page 332. 

54. A mixture contains only CaC (>3 and MgC(> 3 . 0.5000 g of the mixture is dis- 

solved in 50.00 ml of 0.2500 N H 2 SO 4 , and 15.00 ml of 0.09G0 N KOH is needed for 
back titration. Find the composition of the mixture. 

55 . Oleum or fuming sulfuric acid is a mixture of H 2 SO 4 and SO 3 . If 1.5000 g of 
oleum require 32.63 ml of 0.998 N NaOH for titration, what is the composition of 
the sample? 
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Theory of Neutralization 
Reactions 


To date we have discussed only laboratory techniques and the com- 
putations needed for standardization of solutions and analysis of sam- 
ples. There is more to analytical chemistry than the ability to manipu- 
late equipment and perform the necessary computations. The really 
competent chemist must understand why things are done as they are. 
Specifically, for neutralization analyses one should know which titra- 
tions of acids and bases can be made and which ones cannot, the factors 
which determine the feasibility of titrations, how acid-base indicators 
work, and how to select the proper indicator for a given titration. 
These factors are discussed in this chapter. This discussion is based on 
the chemical equilibria involved in dissociation of acids and bases and 
in hydrolysis of salts. In modem curricula the student has studied 
these topics in previous courses, but, since it is necessary to make new 
applications of the theory, we shall first of all review the basic concepts. 
The student who finds this review too brief or too condensed will profit- 
ably refer to his previous textbooks for a more complete discussion. A 
thorough understanding of the use of logarithms is also necessary for 
the work of this chapter. 

REVIEW OF PRINCIPLES OF CHEMICAL EQUILIBRIUM 

For a chemical reaction at equilibrium, such as 
nk. + raB = pD + (?E 

the concentrations of the reactants are related by the mathematical 
expression; 

[JD] p [E] q 

[A] n [B] w 
152 


= K< 
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Ionization of Acids, Bases, and Salts 

In this expression all concentrations are expressed in terms of moles per 
liter, designated by the brackets [ ]. Each molar concentration is raised 
to a power numerically equal to the number of molecules appearing in 
the balanced chemical equation. Conventionally, the concentrations 
of reaction products appear in the numerator and of starting materials 
in the denominator. Thus it is always necessary to write the chemical 
equation for which the equilibrium constant is given. For every reac- 
tion there are two constants, one of which is the reciprocal of the other. 
For example, the constant for the reaction, 

is 


For the reaction, 
the constant is 


The constant K e is known in general as the equilibrium constant. Its 
dimensions are moles per liter raised to some power, or if the number 
of molecules is the same on both sides of the chemical equation the con- 
stant may be dimensionless, that is, only a number. For a specific type 
of reaction, such as ionization of a weak electrolyte, the constant is 
usually referred to as the ionization constant. 

The equilibrium constant is applicable only at constant temperature. 
In all reactions a change in temperature will shift the equilibrium so as 
to change the concentrations of the reactants; therefore at T 2 a new 
constant will apply. 

Ionization of Acids, Bases, and Salts 

The law of chemical equilibrium applies to any type of reaction, 
regardless of the physical state of the reactan ts — JBome of the more 
important applications are to gas-phase reactioni^ofmdustrial impor- 
tance. In the present discussion, howevejvwe shall limit the field to the 
ionization^ aculs^ bases, and salts in aqueous solution and the equi- 
libria which^^e-fer ought about by,, these jq mzat ions. 

It may be recalled that all acids, bases, and^saltTtelong to the class 
of substances known as electrolytes. When dissolved in water they 
give charged ions which will conduct an electric current. Further, elec- 


2111 = H 2 + I 2 

M __ 

[HI] 2 

H 2 + I 2 - 2HI 

ct 2 , 1 

Ml*] ' K e 
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trolytes are of two classes, strong and weak, depending on whether a 
large or small fraction of the dissolved molecules dissociate into ions. 
Most salts, the common inorganic acids, and all bases, except ammonium 
hydroxide and its derivatives, are strong electrolytes. The majority of 
organic acids are weak electrolytes. Some substances which can ionize 
in two or more stages may belong in both classes. Phosphoric acid, for 
example, is a moderately strong acid for dissociation of one hydrogen 
but weak for dissociation of the second and third hydrogen ions. 

Ionization Constant for Weak Electrolytes. If one measures the 
degree of ionization for a weak electrolyte, such as acetic acid, the 
ionization constant is readily computed from the data. There are vari- 
ous methods for measuring the degree of dissociation of a solute. The 
most common ones are by the electrical conductivity of the solution, 
which depends on the number and type of ions present, and by the pH 
of the solution, which depends on the hydrogen-ion concentration. 

Measurement shows that, if one prepares a one-tenth molar solution 
of acetic acid, the hydrogen-ion concentration is 0.00134 mole per liter. 
This is due to dissociation of the acid according to the equation, 

HAc = H + + Ac~ 

Here the abbreviation Ac“~ is used to represent the acetate ion, C 2 H 3 02~. 

Since an acetate ion is produced for each hydrogen ion formed by the 
dissociation, the concentration of acetate ion is also 0.00134 M. Further, 
since 0.00134 mole per liter of HAc molecules has dissociated, the re- 
maining concentration of IIAc is 0.1000 — 0.00134 or 0.09866 moles per 
liter. 

Application of the equilibrium equation to the ionization of HAc 
gives 

[H + ][Ac~] _ 

[HAc] * 

On substitution of the values for the concentrations of the components, 
we have 

(0.00134) 2 

= 0.000018 or 1.8 X 10“ 5 

0.09866 

This constant is known as the ionization constant for acetic acid. 

If now similar measurements are made for other concentrations of 
acetic acid and the constant is computed for each, it is found that over 
a wide range of concentrations a value of 1.8 X 10“ 5 is obtained for the 
ionization constant. In other words, the law of chemical equilibrium 
applies to this reaction. 
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Once the ionization constant has been determined for a given dis- 
sociation one can compute, by methods shown later, the hydrogen-ion 
concentration for any concentration of the weak electrolyte. Thus, the 
ionization constant is a convenient method for tabulating the hydrogen- 
ion concentration. 

Ionization of Strong Electrolytes. If one attempts to measure the 
ionization of 0.1 M HC1 solution by any experimental method, it is 
found that apparently well over 90 per cent of the acid is ionized. Con- 
sequently, the apparent value for the ionization constant is a large num- 
ber instead of a very small one such as was found for acetic acid. Further, 
if measurements are made at various initial concentrations of hydro- 
chloric acid, it is found that the apparent ionization constant changes 
for each initial concentration. It is obvious then that the law of chemi- 
cal equilibrium docs not apply, or at least not without the introduction 
of correction terms. For many years a great deal of work was done in 
an attempt to ascertain why the equilibrium law did not apply to strong 
electrolytes, whose apparent degree of dissociation was large but which 
seemed to change with dilution of the solution. This work led to the 
modern view that strong electrolytes are completely dissociated in 
aqueous solution; there are no undissociated IIC1 molecules in a 0.1 M 
solution of II Cl, Rather, there is a 0.1 M solution of H + and of Cl - ions. 
The measurement of hydrogen-ion concentration leads to the conclusion 
that the concentration is not 0.1 M but is near 0.09 M ; thus the appar- 
ent degree of dissociation is near 90 per cent. This effect is attributed 
to the electrostatic attractive forces between the ions that keep them 
from behaving as completely independent particles. Regardless of the 
apparent 90 per cent ionization, we believe that it is complete, or 100 per 
cent. Therefore there is no equilibriu m constant, for n. strorw electrolyte. 

In this text we shall disregard the apparent degree of dissociation of 
strong electrolytes and in every case shall consider the strong elec- 
trolyte as completely dissociated. Thus, in a 0.1 M NaOH solution the 
hydroxide-ion concentration is taken as 0.1 M, and in a 0.1 M NaAc 
solution the concentrations of Na ' and Ac - ions are each 0.1 M. 

Activity and Activity Coefficient. We have stated previously that 
a constant value of the concentration product is obtained for acetic acid 
solutions of various dilutions. This is not strictly true. Although the 
constant has roughly the value 1.8 X 10~ 5 at room temperature, ac- 
curate measurements show that with increasing dilution the constant 
changes slightly. The theory as previously given is overly simplified. 
In the simple statement of the law of chemical equilibrium it is tacitly 
assumed that each ion or molecule in a solution is completely independ- 
ent of other ions or molecules and is not at all affected by their presence 
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This is not true except in very dilute solutions, just as the perfect-gas 
laws are not strictly valid for actual gases except at very low pressures. 
The various solute particles of a solution attract or otherwise influence 
one another. Therefore the effective concentrations of solute particles 
may differ from the actual concentrations, and the law of chemical 
equilibrium is not strictly obeyed. 

Because of these effects it is customary in more advanced work to 
deal with the activity or effective concentration of ions or molecules 
rather than with the actual concentrations. The activity a is a func- 
tion of the concentration C and is related by the expression, 

a = yC 

where y is known as the activity coefficient. 

The activity coefficient y is not a constant for a given substance but 
depends on many factors, chief among which is the total concentration 
of ions in a solution. Because of the complexity of the factors which 
influence y, the knowledge of numerical values for this term is limited. 
In dilute solution, where the ions are relatively far apart, the activity is 
practically the same as the concentration; that is, y approaches unity; 
but in more concentrated solutions the activity may be greater or less 
than the concentration. Since few numerical values are known for y, 
it is often necessary, for purposes of calculation, to ignore the deviations 
of y from unity, that is, to consider the activity as equal to the concen- 
tration. This assumption is made in all equilibrium calculations of this 
text. Because of the assumption, the calculations to be made will give 
results which are only approximately true. More exact results could be 
obtained by use of activities, which are not as yet generally known. 


Use of Equilibrium Constant to Compute Hydrogen-ion 
Concentrations of Solutions 

In considering the feasibility of titrations and the selection of neu- 
tralization indicators, it is necessary to know how the hydrogen-ion 
concentration of the solution varies during the titration. By proper use 
of ionization and hydrolysis constants one can compute, for any aqueous 
solution of an acid, base, salt, or mixture thereof, the hydrogen-ion 
concentration. The methods for doing this are briefly reviewed. 

pH. In any aqueous solution the product of hydrogen- and hydrox- 
ide-ion concentrations is a constant, or, at room temperature, 

[H+][OH-] = K w = 1 X HT 14 

In a 0.1 M HC1 solution the hydrogen-ion concentration is 0.1 M. But 



9 Hydrogen-ion Concentrations 157 

in a 0.1 M NaOH solution the hydroxide-ion concentration is 0.1 If, and 
therefore the hydrogen-ion concentration is 1 X 10~ 13 M. Thus, in 
passing from a basic to an acid solution the hydrogen-ion concentration 
may change by a factor of 10 12 or a million million times. Numbers of 
this magnitude are too large for convenient representation, and in par- 
ticular the change is too great to be represented in any type of plot. In 
scientific work it is customary to compress the scale for plotting pur- 
poses, in dealing with such large numbers, by taking the logarithms of 
the numbers. But, since the hydrogen-ion concentrations generally 
range from 10 -13 to 10 —1 , the logarithms are negative numbers. There- 
fore it is convenient instead of hydrogen-ion concentrations to deal with 
a function known as the pH which is defined by the relation : 

pH = - log [H+] 

Anyone familiar with the use of logarithms can readily make the trans- 
formation from hydrogen-ion concentration to pH or the reverse trans- 
formation. The methods are illustrated in the following examples: 

Problem. The hydrogen-ion concentration of a solution is 4 X 10~ 6 M. What 
is the pH of the solution? 

Solution: 

Log 4 X 10~ 5 = log 4 + log HT 5 
= 0.60 - 5 - -4.40 
pH = -log [H+] = -(-4.40) = 4.40 

In a problem of this type it is most convenient to express the number whose log- 
arithm is to be found as the product of a number between 1 and 10 and some power 
of 10. This transformation is made by suitable change of the exponent. For ex- 
ample, the hydrogen-ion concentration of 0.1 M HAc solution, 0.00134 M, is written 
as 1.34 X 10~ 3 . The log of 1.34 is 0.13 (to two decimal places, which is usually 
sufficient in pH computation), and the pH is —(0.13 — 3) or 2.87. 

Problem. What is the hydrogen-ion concentration which corresponds to a pH of 
5.70? 

Solution : Since 5.70 = —log [H + ], 

[H+] = 10“ 5 - 70 or 10-°- 70 X 10“ 6 

It is apparent to one who understands logarithms that the antilogarithm of 10“° 70 
cannot be obtained from a log table, all the values of which are positive numbers. 
Therefore it is necessary to rewrite the number to get a positive mantissa: 

IQ- 5 70 = jq+0.30 ^ jq-6 


Now, taking the antilogs, we get 


[H+] = 2.0 X 10“ 6 
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Other terms frequently used in the same manner as the pH of solu- 
tions are defined as follows : 

pOH = - log [OH“] 
pK = - lo gK e 

pH + pOH = 14 (for aqueous solutions at room temperature) 

This last follows from the relation of hydrogen- and hydroxide-ion con- 
centrations in water. 

pH of Aqueous Solutions. The types of solutions most frequently 
encountered in titrations may be summarized as follows: 

A. The solution contains an excess of strong acid or base, with or 
without a salt. 

B. The solution contains a weak acid or base and no other electrolyte. 

C. The solution contains a weak acid or base together with a salt of 
the weak acid or base. 

D. The solution contains a salt of a weak acid or base. 

E . The solution contains a salt of a strong acid and strong base. 

We shall in the following sections review by illustrative computations 

the methods for determining the pH of the various types of solutions. 

A. Whenever a solution contains an excess of strong acid or base, the 
hydrogen- or hydrexide-ion concentration is determined solely by the 
concentration of the acid or base, regardless of salts which may be 
present. 1 Since strong acids and bases are completely dissociated, the 
presence of salts has no effect on the pH. To determine the pH it is 
only necessary to determine the concentration of the acid or base 
present. 

Problem. If 50 ml 0.1 M NaOH is added to 75 ml 0.1 M HC1, what is the pH 
of the solution? 

Solution: Since acid is in excess, all the NaOTI is neutralized, with formation of 
NaCl and water. There remains 25 ml of the original 0.1 M HC1, in a total volume 
of 125 ml. Therefore, 

25 y 0 1 

[H + ] = [HC1] = - = 0.02 M = 2 X 10~ 2 M 

125 

pH = - log (2 X 10“ 2 ) = -(0.30 - 2) = 1.70 

B, In a solution of weak acid HA there is the equilibrium : 

HA = H+ + A~ 

1 This statement is only approximately correct when salts are present which hy- 
drolyze. For example, in a mixture of NaOH and NaAc the salt contributes a 
slight amount of hydroxide ion by hydrolysis. This amount of hydrolysis is so small 
that it is completely justifiable to neglect it. 
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Mathematically, 

[H+KA-] „ 

— Aj 

[HA] 

The value for Ki is known for most common acids (see Appendix). From 
the constant the pH is readily computed for a solution of weak acid or 
base of any concentration. 

Problem. Ki for HA (a hypothetical acid^is 2 X 10~ 6 . What is the pH of a 
0.15 M solution of HA? ' 

Solution: Write the chemical equation. Over each term indicate the concentration 
which is present at equilibrium. 

0.15 -X X X 

HA = H+ + A“ 

Note that X represents the concentration of both the H + and A“ ions, since both 
ions are formed in equimolar amounts by dissociation of HA. 

Substitute the concentrations in the mathematical relation given above. 


This equation may be solved by the general method for quadratic equations. It is 
simpler, however, and sufficiently exact to use an approximate solution by letting 
0.15 — X == 0.15, since X is obviously small in comparison with 0.15. This gives 


X 2 

(U5 


^ 2 X 10~ 6 


X 2 = 3.0 X 10“ 7 


We may complete the solution by extracting the square root to solve for X and then 
taking — log X, which is pH. The mathematical operations are shortened, however, 
by taking — log X 2 at this point and dividing by 2 to get the pH. 

- log X 2 = - (log 3.0 + log 10“ 7 ) 

= - (0.48 - 7) = 6.52 
6 52 

- log X = - log [H+] = — = 3.26 = pH 


For a solution of a weak base we may proceed in a similar manner 
except that pOH is determined. Subtraction of pOH from 14 gives pH. 

Problem. Ki for BOH is 5 X 10 -5 . What is pH of a 0.14 M solution of BOH? 
Solution: 

0.14 — X X X 

BOH = B+ + OH~ 


X 2 

0.14 


£5X 10~ 6 
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x 2 = 0.7 x io~ 6 = 7 x io~* 

- log X 2 = -(0.85 - 6) = 5.15 = 2pOH 

pOH = ~ = 2.58 


pH = 14 - 2.58 = 11.42 

C. When a solution contains a salt of a weak acid or base, together 
with excess acid or base, ionization is repressed by the common-ion 
effect. The pH is computed by the same relations as in the preceding 
section, but account must be taken of the effect of the common ion 
provided by the salt. 

Problem. A 0,05 M solution of acetic acid contains sodium acetate at a con- 
centration of 0.15 molar. Find the pH. 

Solution : Write (always this is the first step) the chemical equation: 

HAc - H+ + Ac- 

Let X = [H + ] at equilibrium 

0.05 - X = [HAc] 


0.15 + X = [Ac”] 

Acetate ion is furnished both by the salt which is completely dissociate d and by 
the molecules of acid which dissociate. 

Substitution of these concentrations into the equilibrium expression gives 


(X)(0.15 + X) 
0.05 - X 


= 1.8 X 10“ 5 


Neglecting X when added to or subtracted from a much larger number, we have 


0.15X 

0.05 


£* 1.8 X 10~ 5 


3X = 1.8 X 10~ 5 


X|= 0.6 X 10 -5 = 6.0 X 10“ 6 
pH = - log (6.0 X 10~ 6 ) = -(0.78 - 6) = 5.22 


When a solution of acetic acid is partially neutralized by a strong 
base, the salt represses the ionization of the remaining acid, just as in 
the preceding example. 

Problem. What is the pH of a solution made by adding 30 ml 0.1 M NaOH to 
50 ml 0.15 M HAc? 

Solution: First find the concentrations of the constituents of the solution. Since 
acetic acid is in excess, the final solution will contain unneutralized acid plus salt 
equivalent to the amount of base added. Originally there were 50 X 0.15 or 7.5 
m mol acid. To this 30 X 0.1 or 3 m mol base were added. Therefore, the solution 
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now contains 7.5 — 3.0 or 4.5 m mol acid. Since each millimole base formed a 
millimole salt, there are 3 m mol salt (NaAc) present. Then, 

[H+] = X 

[II Ac] = 4.5/80 since the final volume is 80 ml (Concentration = m mol/ml) 
[NaAc] = 3.0/80 


Substituting, we have 


A"(3.0/80) 

4.5/80 


9* 1.8 X 10“ 5 


from which the pH is determined as in the preceding examples. 

D. A salt of a weak acid or base or of both hydrolyzes (reacts with 
ions of water) in the following ways. 

1 . Weak acid — strong base. Sodium borate may be taken as an 
example. 

Na+ + B0 2 - + II 2 0 = HB0 2 + OH" + Na+ 


Application of the equilibrium relation gives 

[HB0 2 l[OH-] K w IX 10 ~ 14 

[B0 2 -] “ h ~ K a ~ 1.1 X 10-* 

which may be used to compute the pH of a salt solution of specified 
concentration. 


Problem. Find the pH of a 0.05 M sodium borate solution. 

Solution: Let A r = [IIBO 2 ] and [OH“] since both are formed from the reaction 
above, in equimolar amounts. Then 0.05 — X is [BCh - ]. Substituting these values 
and neglecting X when subtracted from the much larger number, 0.05, we have 

X 2 1 X 10” 14 

____ /v 

0.05 “ 1.1 X 10~ 9 


y2 = 1Q ~ 16 

1.1 X 10~ 9 


= 4.6 x 10~ 7 


2pOH = - log X 2 = - log (4.6 X 10“ 7 ) = -(0.66 - 7) = 6.34 


pOH 


6.34 

~ 2 ~ 


3.17 


pH = 10.83 


2. Weak base — strong acid. Ammonium chloride may be taken as 
example. 

NH 4 + + H 2 0 = NH 4 OH + H+ 

[NH 4 OH][H + ] 1 X 10 - 14 1 x 10 “ 14 

~Kb “ 1.8 X 10 ~ 5 


[NH 4 + ] 
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Problem. Compute the pH of a 0.05 M solution of NH4CI. 

Solution: Let X = [H+] = [NH4OH] and (0.05 - X) = [NH* + ]. Then, 

A’ 2 1 X lO -14 

__ 

0.05 — 1.8 X 10" 5 

This equation is solved in the usual manner. 

3. Weak base — weak acid. Ammonium borate is an example. Since 
both the anion and cation react with ions of water to give undissociated 
molecules, hydrolysis is much more extensive than in the previous exam- 
ples. The chemical equation is 

NH 4 + + B0 2 - + H 2 0 = NH4OH + hbo 2 

which gives the equilibrium expression, 

[nh 4 oh][iibo 2 ] k w ix nr 14 

[NH 4 + ][B 0 2 -] - KJK b ~ 1.1 X l(r 9 X 1.8 X 10 “ 6 

Problem. What is the pH of a 0.05 M solution of ammonium borate? 

Solution: Let X = [NH 4 OH] = [HB0 2 ] 

0.05 - X - [NH 4 + ] = [B0 2 ~] 

In view of the large value for the hydrolysis constant, it is not permitted to neglect X 
in comparison with 0.05. 

Substitution in the equilibrium expression gives 


(0.05 - X) 2 

The simplest solution is to extract the square root of both sides of the equation. 
This gives 

— = 0.7 

0.05 - X 


To get the pH of the solution we must now substitute the value of X/(0.05 — X) in 
the ionization expression for NH4OH or IIBO2. That is, 


[HBOd 

in i- A “[Bon " 


[OH“] = K b 


[NH4OH] 

[NH 4 +] 


Since X is [HBO 2 ] and 0.05 — X is [B0 2 ], the ratio [HB0 2 ]/[B02 ] is the previously 
found value for X/0.05 — X or 0.7. Therefore [H + ] is given by the equation, 

[H+] = 1.1 X 10~ 9 X 0.7 = 7.7 X 10“ 10 

and pH is 9.11. 

In this example the acid is weaker than the base, and consequently more hydrogen 
ion is removed from water than hydroxide ion. If the computation is made for 
ammonium acetate hydrolysis, where the acid and base are of the same strength, 
it is found that the pH of the solution is the same as that of water, 7. 
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E. When a salt of a strong acid and strong base is dissolved, neither 
of the ions can unite with an ion of water. Consequently, there is no 
hydrolysis, and the pH is that of water, or 7, provided the water con- 
tains no carbon dioxide. If carbon dioxide is present, the pH is about 
5.7 (see top line, Table 17). 


Bronsted Definitions in Neutralization Equilibria 

In the preceding section the terms acid and base have been used in the 
classical sense for aqueous solution ; an acid is a substance that furnishes 
hydrogen ion, and a base is a substance that furnishes hydroxide ion. 
The classical definition has been broadened by Bronsted 2 in order to 
take into account the variations in strength of acids in various solvents 
and the role of the solvent in ionization. According to the newer defini- 
tions an acid is a substance which furnishes a proton (positively charged 
hydrogen atom), and a base is a substance which can accept or unite 
with a proton. In the reaction, 

HA = H + + A~ 

acid proton base 

HA is known as an acid, and A - is known as the conjugate base of the 
acid HA. The reaction which occurs when an acid is placed in water 
is written 

HA + HoO = H 3 0 + + A~ 

acid 1 base 2 acid 2 base 1 

This equation emphasizes the facts that: (a) Water acts as a base, 
accepting a proton to form the hydrate IIsO"^ which is known as the 
hydronium ion and ( b ) there is competition between the two bases A" and 
H 2 0 for the proton, If HA is a weak acid, the base A - is a stronger 
base than H 2 0, since A“ holds the proton so tightly that the dissocia- 
tion is slight. On the other hand, when HA is largely dissociated, we 
consider that A~ is a weaker base than H 2 0, that is, that H 2 0 holds the 
proton more tightly than does A” 

An advantage of this formulation is that it emphasizes the role of the 
solvent in dissociation, that is, the attraction of the solvent molecule 
for the proton. A disadvantage is that the formulation does not take 
into account the fact that other ions are also hydrated (combined with 
water molecules) ; hydration is indicated only for the proton. 

2 J. N. Bronsted, Rec. trav . chim , 42, 718 (1923); J. Phys. Chem. } 30, 777 (1926); 
Trans. Faraday Soc., 26, 59 (1929); Z. angewand. Chem 43, 229 (1930); Z. physik. 
Chem.j 169A, 52 (1934); Physical Chemistry , translated by R. P. Bell, Heinmann, 
London, 1937, pp. 202-28; Chem. Rev., 6, 231 (1923). 
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In dealing with aqueous solutions there is little difference between the 
classical and the Bronsted formulations of acid-base equilibria. The 
chief points of difference are the substitution of hydronium ion for hydro- 
gen ion and the change in definitions of acids, bases, and salts. The 
mathematical treatment of neutralization equilibria is essentially the 
same for either notation. As for terminology, it makes little difference 
which system is used, provided that the meaning of the words is clearly 
understood. Sodium carbonate is a salt in the classical system, whereas 
carbonate ion is a base in the Bronsted system. But using the classical 
system we can still recognize the basic properties of carbonate ion; in 
fact, sodium carbonate is widely used as a primary standard for acids. 

For comparison we may formulate the equilibria of the preceding 
section by means of the Bronsted notation. 

1. Ionization of weak arid. The chemical equation is written 

HAc + H 2 0 = H s O + + Ac~ 

Mathcmaticallv, 

[H»Q + l[Ac1 = 

[IIAellTIgO] * 

but, since [II 2 O] is constant, we may write 

PI 3 0 + ][Ac-] _ _ 

[HAc] 

This is the conventional ionization constant for acetic acid if we represent the same 
concept by the two symbols HsO"*" and II 4 . 

2. Ionization of weak bases. Since all the common weak bases are ammonia 
derivatives, we may select ammonia as an example. The chemical equation is written 

NH 3 + H 2 0 = NH 4 + + OH- 

This is preferable to the older system, 

NH 3 + H 2 0 = NH 4 OH = NH 4 + + OH- 

because it eliminates the necessity for postulation of an intermediate NH 4 OII. The 
equation as written emphasizes the fact that ammonia will compete with the hy- 
droxide ion for a proton. In following the classical system it is implied that the 
dissolved ammonia is united with water to form ammonium hydroxide and that this 
ionizes to give the ammonium and hydroxide ions . 3 Mathematically, 

[NII 4 + ][OH-] _ ^ 

[Nils] & 

8 The hypothetical carbonic acid is likewise omitted, in the Bronsted formulation, 
for the equilibrium between carbon dioxide and carbonate or bicarbonate ions. 


C0 2 4- 2H 2 0 - H s O+ + HC0 3 “ 
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which differs from the older equation only in the substitution of the concentration of 
dissolved ammonia for the concentration of ammonium hydroxide. 

3. Ionization of water. The chemical equation is written 

H 2 0 + H 2 0 = H 3 0 + + OH~ 

which implies that one molecule of water acts as an acceptor for a proton donated by 
another molecule. Mathematically, 

[HaO+HOH-] 

[HjOJ 2 

or 

[H 3 0 + ][0H~] = K w = 10~ 14 

4. Hydrolysis. The hydrolysis of acetate ion is represented by the proton ex- 
change between two bases. 

Ac" + H 2 0 = HAc + OH” 

The hydrolysis of ammonium ion is represented by the equations: 

NH 4 + + H 2 0 = NII 3 + H 3 0 + 
and the mathematical formulation is 

[H 3 O+HNH 3 ] = _ Kw 

|Ml4 + j ** Kb 

This differs from the classical treatment by the replacement of II + by H 3 0 + and of 
NH 4 OH by NH 3 . 

From the parallelism in the two treatments it is apparent that for 
neutralization equilibria in aqueous solution either system of notation 
is satisfactory. The classical notation is preferred in this book because 
of long-established usage, because it is somewhat misleading to indicate 
hydration for the proton without reference to the hydration of other 
ions, and because of simplicity in terminology. But in applying the 
classical notation it is not implied that the symbol H + refers to a hydro- 
gen atom which has lost an electron; the symbol is understood to mean 
a dissolved and hydrated proton, or a hydrogen ion. 

PROPERTIES OF INDICATORS 

Acid-base indicators are highly colored organic dyes which exhibit a 
change in color when the pH of a solution is changed between certain 
limits. The pH at which this color change occurs differs for various 
indicators; this is a fortunate situation for the analyst, since he thereby 
is enabled to select the indicator whose color change most nearly cor- 
responds to the pH of the stoichiometric point for a given titration. A 
partial list of indicators is given in Table 17. 



pH Ranges of Hydrogen-Ion Indicators 

Wale/ iterated with Water equilibrium Pure w&et 

fcarboa dioxide at 25°6* Ifc/tUi (totmal atmosphere k 
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* Reprinted by permission from G. E. F. Lundell and I. J. Hoffman, Outlines of Methods of Chemical Analysis, Wiley, 193?. 
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It may be noted in Table 17 that the various indicators do not abruptly 
change color at a definite pH value, but that the color change occurs 
when the pH is varied over a narrow range, usually about two units. 
The reason for this phenomenon, as well as the mechanism of the color 
change, is considered in the following sections. 

Equilibria of Colored Forms of Indicators. The organic dyes 
used for neutralization indicators are either weak organic acids or bases, 
whose ionization may be, respectively, represented by the following 
equations : 

HIn = H+ + In" 

(color A) (color B) 

InOH = In + + OH“ 


The two colors given by an indicator are the colors, respectively, of the 
undissociated molecule and of the ion. 4 An acid indicator will, therefore, 
exhibit color A when in acid solution, because the ionization of the weak 
indicator acid will be repressed. In basic solution the indicator acid is 
neutralized to form a salt, and the color of the ion will be shown. The 
opposite situation is found for a base indicator; in basic solution the 
undissociated molecule is formed, whereas the ion is formed in acid 
solution. 

Application of the law of chemical equilibrium to the ionization of an 
acid indicator gives the expression, 

[H+][In-] 


which can be rearranged to the form, 


[H+] = Xind 


[HIn] 

[In"] 


It is evident from this equation that the ratio in the concentrations 
of the two colored forms of the indicator will vary continuously as the 
hydrogen-ion concentration is changed. 

The color changes that the eye observes depend on the colors of the 
two different forms of the indicator and on their relative concentrations. 
If, for example, HIn is yellow and In” is red, the solution will appear 
red when In~ is in great excess and yellow when HIn is in great excess. 

4 This is a simplified statement of indicator behavior. Actually, several other re- 
versible changes are involved. For a more complete discussion, see A. A. Noyes, 
J. Am . Chem. Soc., 32, 815 (1910). 
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When the two are present at about the same concentration, the solution 
is neither yellow nor red, but is orange. 

If we assume that in the mixture of colors for In”" and Hln the solu- 
tion appears red when [In""] is ten times or more [Hln] and that the 
color is yellow when [Hln] is ten times or more [In“], we can readily 
show that to change the solution from one color to the other will re- 
quire a pH change of 2 units or more. If the ionization constant has 
the value 10"” 8 , we have 

[II + ] = (yo) • 10~ 8 or 10“ 9 when the solution is red 

[II + ] = ( j y~) • 10 ~ 8 or 10~ 7 when the solution is yellow 

Thus, at pH above 9 the solution is red, and at pH below 7 it is yellow. 
In the intermediate region, between pH 7 and 9, the solution is neither 
yellow nor red, but it goes through various shades of orange as the pH 
is changed. If the computation is made for some other ionization con- 
stant than 10“ 8 , the transition interval is still 2 pH units, but it is at 
different values from those we have just computed. 

Actually, many indicators do have a transition interval of about 2 pH 
units, although some are considerably smaller and some larger. This 
indicates that, for the eye to see the change from one color to the other, 
the excess must be, as previously assumed, at least tenfold in most cases. 

It is not necessary, however, to have a pH change of 2 units to see an 
end point in a titration. Many indicators are of such colors that the 
eye recognizes a change when the pH is changed only a few tenths of a 
unit. This is particularly true of some of the mixed indicators. 

The apparent sharpness of an indicator end point depends on factors 
other than the contrast afforded by the colored forms of the indicator; 
most important is the concentration of the solution used for the titra- 
tion. The more concentrated the solution, the greater the change in 
pH when one drop of reagent is added, and therefore the sharper the 
color change. Methyl orange, for example, requires a pH change of 
about 2 units to give a sharp end point. If titration is made with solu- 
tions much stronger than 0.1 N, one drop will cause such a pH change 
and give a sharp end point. But solutions of the order of 0.1 N or 
weaker will not give a sharp end point because each drop causes too 
little change in pH. It is for this reason that use of mixed methyl red- 
bromcresol green indicator was recommended in the titration of car- 
bonates in the previous chapter. 

In some titrations, where there is a somewhat continuous change of 
indicator color near the end point, it is better to titrate to a definite 
color tint rather than to a sharp change. For such titrations there is 
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prepared a color standard made by adjusting a comparison solution to 
the pH which should prevail at the end point and adding indicator to 
this. Each sample is then titrated to match the color of the standard. 

Chemistry of Indicators. Two questions arise concerning the use 
of indicators: (a) what volume of titration reagent is required for reac- 
tion with the titration indicator, and (6) what chemical change in the 
indicator accompanies the color change? 

The amount of indicator required to give the necessary intensity of 
color is so small that a negligible amount of reagent is required for re- 
action with the indicator. At most, less than 10 ~ 3 m mol of indicator 
is employed, and not more than 0.01 ml of 0.1 N acid or base is required 
to neutralize the indicator. 

The mechanism of indicator color change has been widely investigated. 
The generally accepted theory is that the formation of an indicator ion 
is attended by a molecular rearrangement which gives rise to a chromo- 
phoric, or color-forming, group. Paranitrophenol may be cited as an 
example. In acid solution this is colorless, but in basic solution it is 
yellow. The structural formulas for the colorless molecule and colored 
ion are as follows: 


O-II 



O = N = 0 
Colorless 
(molecule) 



Colored 

(ion) 


The structural changes in phenolphthalein and methyl orange are 
more complicated. 

Phenolphthalein : 


OH 


y\ 

\/ 



-o 


Colorless in 
acid solution 
(molecule) 


I 

O 



(ion) 
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Methyl orange : 

[Na+ "0 3 S - ) > — N = N — <^ 

Yellow in 
base solution 

tNa+ -0 3 S - <( )> - N - N - = N(CH,) 2 ]+ 

H 

Pink 

acid solution 

Mixed Indicators. The transformation range of an indicator may 
often be decreased arid the sharpness of the color change increased by 
the addition of a suitable dye. 5 The added dye may be either a second 
indicator or an inert substance whose color does not change with pH. 
The addition of xylene cyanole FF to methyl orange is an example of 
the use of an inert dye. 

The effect of the added substance is to decrease the range of wave- 
lengths transmitted by the solution, so that the light transmitted by the 
two colored forms of the indicator is not masked by light of other wave- 
lengths. Methyl orange in alkaline solution transmits light of the violet, 
green, yellow, orange, and red regions. The observed color is yellow. 
Xylene cyanole absorbs strongly in the yellow-orange region. When 
the dye is added to methyl orange the predominating color in the trans- 
mitted light is now green, which is the observed color of the solution. 
In acid solution the indicator absorbs in the green, the dye (as before) 
in the yellow-orange region. The resulting color, due to light trans- 
mitted in the blue and red regions, is magenta. The mixed indicator 
is almost colorless in the transition region, near pH 3.8, owing to trans- 
mission of colors that are nearly complementary to one another. 


- N(CH 3 )j 


HC1 


NaOH 


TITRATION CURVES 

In order to understand the principles which govern the selection of 
indicators for a titration one should know how the pH changes during a 
titration. These changes are best shown by titration curves in which 
the pH of the solution is plotted against the volume of reagent added. 
Titration curves may be constructed by experimental measurement 
with a hydrogen or glass electrode, or they may be made from values 
calculated by application of the equilibrium law. In this section the 

6 See I. M. Kolthoff and C. Rosenblum, Acid-Base Indicators , Macmillan, 1937, 
page 172, for a list of mixed indicators and their transition intervals. 
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calculations are shown for two simple cases. In addition, curves are 
shown for other titrations of common occurrence. 

Titration of Strong Acid with Strong Base. As an example, the 
titration of 25 ml 0.1 M HC1 by 0.1 M NaOH is taken. The volume is 
assumed to be 100 ml at the beginning of the titration ; after addition of 
base the volume is 100 ml plus the volume of base added. The concentra- 
tion of hydrogen ion is calculated for the addition of various quantities 
of base, in order to obtain a sufficient number of points to plot the neu- 
tralization curve. The calculated values are shown in Table 18. 

TABLE 18 


Construction or Titration Curve for HC1 vs. NaOH 
25 ml 0.1 M HC1 Diluted to 100 ml and Titrated with 0.1 M NaOH 


ml NaOH 

Volume of Solution 

[H+] 

pH 

0.00 

100 

0.0250 

1.60 

5.00 

105 

0.0190 

1.72 

10.00 

110.0 

0.0130 

1.87 

15.00 

115.0 

0.00870 

2.06 

20.00 

120.00 

0.00416 

2.38 

22.50 

122.5 

0.00204 

2.69 

23.0 

123.0 

0.00163 

2.79 

23.5 

123.5 

0.00122 

2.92 

24.0 

124.0 

0.000806 

3.09 

24.5 

124.5 

0.000402 

3.40 

24.75 

124.8 

0.000200 

3.70 

24.85 

124.9 

0.000120 

3.92 

24.95 

125.0 

0.000040 

4.40 

24.99 

125.0 

0.000008 

5.10 

25.00 

125.0 

10~ 7 

7.00 

25.01 

125.0 

1.25 X 10 -# 

8.90 

25.025 

125.0 

5.0 X 10~ 10 

9.30 

25.10 

125.1 

1.25 X 10- 10 

9.90 

25.20 

125.2 

6.25 X 10 ~ n 

10.20 

25.50 

125.5 

2.51 X 10 “ u 

10.60 

26.00 

126.0 

1.26 X 10 ~ u 

10.90 

28.00 

128.0 

4.27 X 10- 12 

11.37 

30.00 

130.0 

2.60 X 10- 12 

11.59 

32.50 

132.5 

1.77 x nr 12 

11.75 

35.00 

135.0 

1.35 X 10~ 12 

11.87 


The actual calculation may be repeated for a few representative points in order to 
illustrate the method employed. Since HC1 is a strong acid, the concentrations of 
its ions are numerically equal to the concentration of the total acid present. At the 
start of the titration, 


[H+] 


25 X 0.1 


= 0.025 M 


100 
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When 10 ml NaOH has been added, the solution contains 15 ml unneutralized 0.1 M 
acid and the equivalent of 10 ml 0.1 M NaCl. The salt, however, does not affect the 
HC1 ionization. The calculation is 


[H+] = 


15 X 0.1 
100 + 10 


= 0.0136 M 


At the stoichiometric point the solution contains NaCl at a concentration of 0.02 M. 
Since NaCl does not hydrolyze, the solution is neutral, or 

[H+] = 10~ 7 M 



Ml. NaOH 


Fig. 19. Titration curves for acids. 

At additions past the stoichiometric point, the solution contains excess base. For 
example, after 30 ml NaOH has been added, there is 5 ml excess base, and 

[OH~] = - = 3.85 X HT 3 M 

130 

10~ 14 

111+1 - 3.85 X »r 3 = 2-60 X 10 ~' 2M 

The pH values for the various points are listed in the last column of 
Table 18. A plot of pH vs, ml NaOH is shown in Fig. 19. 

Titration of Weak Acid with Strong Base. Computation of the 
pH values for a titration curve for HAc-NaOH is somewhat more 
laborious than for the previous titration, because (a) the acid is not 
completely dissociated, (6) the presence of the salt NaAc represses the 
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ionizati on of the acid, an d (c) the salt hydrolyzes. As before, the titra- 
tion of 25 ml 0.1 M acid with 0.1 M NaOH is assumed. The initial 
volume is 100 ml. The results of the calculation are tabulated in Table 
19, and the plotted titration curve is shown in Fig. 19. 

The method of calculating may be illustrated by a few representative 
points. 

1. At the start of the titration the solution contains II Ac at a concentration of 


25 X 0.1 
100 


= 0.025 M 


The hydrogen-ion concentration of such a solution is calculated as on page 160. Let 

X = [H+] = [Ac“] 


0.025 - X = [IIAc] 


A' 2 

0.025 - X 


= 1.8 X 10~ 5 


Therefore, 


X ^ 6.7 X 10 -4 = [11+] 
pH = 3.17 


2. When base has been added, the solution contains HAc and NaAc. For example, 
when 10 nil NaOH is added, the solution contains 1 .5 m mol unneutralized acid and 
1.0 m mol sodium acetate solution formed by neutralization of the 10 ini of added 
base (see page 160 for a similar calculation). 

[11+] = X 


[Ac"] 


1.0 

no 


+ x 


[HAc] 





1.5 

no ‘ 
x 


X 


(iS) 


X 


= 1.8 X 10“ 6 

^ 1.8 X 10~ 5 
= 2.7 X 10 -5 


pH = 4.57 


A similar computation is made for all points where both acid and salt are present. 

3. At the stoichiometric point the solution contains NaAc at a concentration of 
0.02 M (2.5 m mol NaAc per 125 ml). The pH of the solution is not 7 as in the 
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• 

HCl-NaOH titration, but is that due to hydrolysis of Ac"". It is calculated by a 
method similar to that shown on page 161. 

4. After the stoichiometric point is passed, the solution contains NaAc, and NaOH 
in excess. Under these conditions hydrolysis is repressed, and the pH is that due to 
the excess base present. In this region the HAc titration curve coincides with the 
HC1 curve. 


TABLE 19 

Construction of Titration Curve for HAc vs. NaOH 
25 ml 0.1 AT HAc Diluted to 100 ml and Titrated with 0.1 M NaOH 


ml NaOH 

Volume of Solution 

[ H+l 

pH 

0.00 

100.0 

6.71 x ur 4 

3.17 

1.00 

101.0 

3.21 X 10~ 4 

3.49 

2.50 

102.5 

1.62 X 1(T 4 

3.79 

5.00 

105.0 

7.20 X 10 

4.14 

10.00 

110.0 

2.70 X 10~ 5 

4.57 

15.00 

115.0 

1.20 X 10~ 6 

4.92 

20.00 

120.0 

4.50 X 10- 6 

5.35 

22.50 

122.5 

2.00 X 10 6 

5.70 

23.00 

123.0 

1.56 X 10- 6 

5.81 

24.00 

124.0 

7.50 x ur 7 

6.12 

24.50 

124.5 

3.67 X 10- 7 

6 44 

24.75 

124.8 

1.82 X 10~ 7 

6.74 

24.00 

124.9 

7.24 X 10~ 8 

7.14 

24.95 

125.0 

3.66 X HT 8 

7.44 

24.98 

125.0 

1.54 X 10~ 8 

7.82 

24.99 

125.0 

8.16 X 10 ~ 9 

8.08 

24.995 

125.0 

6.43 X HT 9 

8.19 

25.00 

125.0 

3.00 X ur 9 

8.52 

25.025 

125.0 

5.0 x ur 10 

9.30 

25.10 

125.1 

1.25 X 10“ 10 

9.90 

25.20 

125.2 

6.25 x ur 11 

10.20 

25.50 

125.5 

2.51 X 10~ n 

10.60 

26.00 

126.0 

1.26 X 10~ u 

10.90 

28.00 

128.0 

4.27 X 10~ 12 

11.37 

30.00 

130.0 

2.60 x ur 12 

11.59 


Comparison of the HC1 with the HAc titration curve shows several 
points of interest. 

1. The magnitude of the break in the acetic acid curve is not nearly 
so great as it is for the hydrochloric acid curve. The pH range of suit- 
able indicators is restricted to the region 7.5-10. 

2. The acetic acid curve shows a minor inflection point after a few 
milliliters of base have been added. This inflection is due to the effect 
of the salt, sodium acetate, in repressing the ionization of the acid. The 
solution in the region where both salt and acid are present is said to be 
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buffered, since the combined action of the salt and acid gives a solution 
which is very resistant to change in hydrogen-ion concentration. 

3. After the stoichiometric point is passed, the two titration curves 
coincide. In one titration the solution contains sodium hydroxide in the 
presence of sodium chloride; in the other it contains sodium hydroxide 
in the presence of sodium acetate. The presence of excess base prevents 
an appreciable amount of hy- 
drolysis of the acetate. The pH 
of the solution is, therefore, in 
both cases, due only to the ex- 
cess base. 

Other Titrations. Titration 

curves 6 for several bases are 
shown in Fig. 20 and for II2SO4 
and H3PO4 in Fig. 21. Each 
student should redraw all these ^ 
curves to scale as he studies the 
various points enumerated be- 
low, so that from memory a 
reasonably accurate curve can 
be drawn for any common 
titration. The following points 
in relation to titration curves 
should be noted: 

1. The curves for bases and 

for acids have an inverse rela- Fig 20 Titration curves for bases. NaOH 
tion. and NH 4 OH, calculated. Na 2 C0 3 , by elec- 

2. Strong bases and acids trometric titration, 

give pH curves with long verti- 
cal portions near the stoichiometric point. As the strength decreases, 
the length of the vertical portion also decreases, and the pH of the 
stoichiometric point (center of vertical portion) changes. Very weak 
acids and bases, such as boric acid, give no vertical region in the titra- 
tion curve. 

3. In the titration of a weak base or acid there is at first a very abrupt 
pH change followed by a region of comparatively little change, where 
the solution is buffered by the presence of the weak electrolyte and its 
salt. 

4. The curve for sodium carbonate shows two inflection points, cor- 
responding, respectively, to formation of HC03~ and H2CO3. 

8 See Davis, Oakes, and Salisbury, Ind. Eng. Chem ., 15 , 182 (1923) for typical 
electroftietric titration curves. 
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5. Sulfuric acid, although dibasic, gives a curve with only one break. 
The reason for this is that both hydrogens are ionized and titrate as 
strong acids. Actually the constant for the reaction, 

HS0 4 - = H+ + S0 4 = 

has a value near 0.01, which makes the bisulfate ion quite strong in 
comparison with such acids as acetic. 



Fig. 21. Titration curves for sulfuric and phosphoric acids. Electrometric titra- 
tion. Note the buffer effect of phosphate ion after the stoichiometric point is passed. 

6. Phosphoric acid gives a curve with two breaks corresponding, 
respectively, to neutralization of the first and second hydrogen ions. 
The third hydrogen is so slightly dissociated that it is not neutralized in 
titration. 

7. The sharpness of the break in a titration curve is influenced by 
the concentration of the reagents. Unit volume of a very dilute solu- 
tion will cause less pH change than the same volume of a more con- 
centrated solution. This effect is apparent in the dotted curve of Fig. 19, 
which shows the titration of 10~ 4 N IICl by 10~ 4 N NaOH. The verti- 
cal portion of the curve covers a pH range of only 1 unit. 


SELECTION OF INDICATOR FOR TITRATION 

We are now in position to make practical application of the principles 
of the preceding sections, to the problem of selecting the proper indica- 
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tor for a titration. The basic principle has been brought out in the dis- 
cussion of titration curves; namely: the indicator should undergo a color 
change at the pH of the stoichiometric point (or so near this value that a 
negligibly small volume of reagent is used to go from the stoichiometric 
point to the end point). 

If the titration curve has been plotted, one need only pick out the 
indicator whose transition range falls on the vertical portion of the 
curve. For example, in the IICl-NaOH titration with 0.1 N reagent 
any of the indicators whose color change occurs in the range 4 to 10 will 
give a satisfactory end point. For the IIAc-NaOH titration, however, 
the indicator must change color in the much smaller range of 7.5 to 10. 
Fhenolphthalein is the indicator usually employed. 

Usually the titration curve is not prepared for a given analysis. In 
this case the pH of the stoichiometric point is computed, and the indi- 
cator whose transition range includes this pi I is used. Computation of 
the pH at the stoichiometric point is done by the methods of the previ- 
ous sections. To make this computation one must recognize what sub- 
stances are present in the solution at the stoichiometric point and must 
use the concentrations that prevail under the conditions of the analysis. 
Several examples may be given: 

1. Titration of 0.1 N IIC1 by 0.1 N NaOII. Unless further dilution is 
done by adding water, the solution contains NaCl at a concentration of 
0.05 A" at the stoichiometric point. Therefore the pH is 7. 

2. Titration of 0.1 N HAc by 0.1 N NaOH. At the stoichiometric 
point the solution contains NaAc at a concentration of 0.05 N. The 
pH is computed from the equation for hydrolysis, page 161. 

3. Titration of 0.1 N NaB0 2 by 0.1 N IIC1. The reaction is 

130 2 “ + II + = HB0 2 

If no further dilution is made, the pH is computed for 0.05 N HB0 2 
solution, as shown on page 159. 

4. Titration of salt of very weak bases , such as phenyl ammonium chlo- 
ride, by NaOH. At the stoichiometric point the solution contains 
phenyl ammonium hydroxide at concentration 0.05 N if the titration is 
done with 0.1 N reagents, and no further dilution is made. The pH is 
computed from the ionization constant of this weak base. 

The student should make the indicated computations for each of the 
typical cases above and should select the proper indicator to use. 

Feasibility of Titrations. Before making a titration an analyst 
should not only select the indicator that turns at the proper pH, but, 
in addition, make certain that the titration is feasible. By this we mean 
that the rate of change of pH is sufficiently rapid that addition of a 
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small volume of reagent, say 0.1 ml or two drops, will span the pH range 
required for the indicator to show a definite change in color shade. In 
other words, the titration curve must be nearly vertical at the stoichio- 
metric point. In the titrations of Fig. 19 the acetic and hydrochloric 
acid curves indicate feasibility, but the boric acid titration is not feas- 
ible because there is not a sharp break in the curve as reagent is added. 
An indicator turning at pH about 10.7 would be selected on the basis of 
a pH computation; however, if the titration is attempted, it is found 
that the color change occurs very gradually as base is added and that 
no sharp end point is obtained. About 5 ml NaOH are required to 
give a pH change of 1 unit. 

There are several criteria by which one may estimate whether a titra- 
tion will give a sharp end point : 

1. The titration curve is plotted, and the height in pH units of the 
vertical portion is determined. Usually this method is not used because 
of the labor involved in computing the number of points needed. 

2. A comparison is made with known titrations. For example, one 
would not question the feasibility of titrating an acid of ionization con- 
stant 10~ 5 by 0.1 N NaOH because the acid is about as strong as acetic 
acid whose titration is known to be feasible. Likewise, titration of a 
base of ionization constant 10~ 5 or greater by 0.1 N IICl is feasible. 
Titration of acids or bases of ionization constant 10 -6 is doubtful, and, 
when K{ is less than 10~ 6 , the titration is not feasible. This method of 
comparing with known cases is not reliable except when the concentra- 
tions of the reactants are of the same magnitude as those usually em- 
ployed. 

3. The most reliable quick method is to compute (a) the pH at the 
stoichiometric point and (b) the pH when two drops (0.10 ml) reagent 
is added in excess of the stoichiometric point. If the pH range is 1 or 
greater, the titration is feasible, and, if the range is much less than 
0.5 pH unit, a sharp end point will not be obtained with most indicators. 

To illustrate, wc may compute the feasibility of titrating 50 ml 0.1 N NaAc by 
0.1 N HC1. At the stoichiometric point the solution contains 0.05 N HAc, if there 
has been no further dilution during the titration. The equilibrium concentrations 
are represented above the chemical equation. 

0.05 -X X X 
HAc - H+ + Ac~ 

By use of the usual approximation, the mathematical expression to be solved is 
X 2 
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- log X 2 = -(0.95 - 7) = 6.05 = 2pH 
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pH = 3.03 

When 2 drops (0.10 ml) HC1 is added in excess of the stoichiometric volume of acid, 

This calculation shows that the hydrogen ion furnished by the 0.1 ml excess HC1 is 
less than that of the HAc solution, whose pH is 3.03. The actual hydrogen-ion 
concentration would have to be determined from the relation, 


(10~ 4 + X)(X) 
(0.05 - X ) 


= 1.8 X 10“ 


It is apparent, however, that little change in pH is caused by a 0.1 ml excess of HC1; 
the titration is not feasible. 

Frequently in analysis of organic acids it is desired to titrate with very dilute 
carbonate-free NaOH. For example, 50 ml of a 0.01 N solution of benzoic acid may 
be titrated by 0.01 N NaOH. We may compute the feasibility, assuming a stoi- 
chiometric volume of 100 ml. 

At the stoichiometric point, 


We have 


[NaBz] = 0.005 

0.005 -X X X 

Bz + H 2 0 = IIBz + OH- 

X 2 1 X 10~ 14 

0.005 - X ~ 6.6 X 10~ 6 


, 5 X 10- 1 
6.6 X 10“ 


= 7.6 X 10~ 13 


pOH = 6.06 
pH = 7.94 

When 0.1 ml 0.01 N NaOH is in excess of the stoichiometric amount, 


[NaOH] = [OH“] = 
pOH = 5 
pH = 9 


0.1 X 0.01 


Thus it appears that the titration is feasible since 0.1 ml NaOH has 
caused a pH change of 1 unit. In practice, it has been found that a 
reproducible and moderately sharp end point can be obtained, thus 
verifying the result of the computation. 
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TITRATION OF SALTS 

It has already been mentioned that numerous analyses are made by 
titrating the salt of a weak acid by a strong acid. Examples are 

Na + + B0 2 ” + H+ + Cl“ = HB0 2 + Na + + Cl“ 

2Na+ + C0 3 = + 2H+ + 2C1~ = H 2 C0 3 + 2Na + + 2Cr 

Na + + CN“ + H + + Cl“ = HCN + Na + + Cl“ 

Similarly, salts of weak bases may be titrated by strong bases. 

(C 6 H 5 NH 3 ) + + Cl" + Na + + OH- = C 6 H 6 NH 3 OH + Na + + Cl- 
in all such titrations the stoichiometric pH may be computed from the 
ionization constant of the weak acid or base present in known concen- 
tration at the stoichiometric point. 

TABLE 20 

Feasibility of Acid-base and Salt-acid Titrations Using 0.1 N Reagents 


Material 

Being 

Titrated 

Titrating 

Reagent 

Approximate 
pH at 

Stoichiometric 

Point 

Feasibility 

HAc 

NaOH 

8 

Feasible 

NaAc 

HC1 

3 

Not feasible 

hbo 2 

NaOH 

11 

Not feasible 

NaB0 2 

HC1 

5 

Feasible 

H 2 C0 3 

NaOH 

11 

Not feasible 

Na 2 C 03 

HC1 

5 

Feasible 


An interesting example of this type of titration was used in the Kjel- 
dahl determination of nitrogen, page 143. Ammonia is distilled from 
an alkaline solution and absorbed in a solution of boric acid, where it 
forms ammonium borate. The ammonium borate is titrated by HC1, 
in presence of excess boric acid, by using an indicator which changes 
color at the pH of boric acid solutions, about 5. It is not necessary to 
know either the amount or the concentration of the boric acid. When 
the stoichiometric point is passed, there is a sharp drop in pH due to 
presence of excess HC1. 

When an acid is too weak for direct titration, as boric acid, titration 
of the salt by a strong acid is feasible. Conversely, where the acid can 
be titrated by a strong base, the salt titration is not feasible. One can 
readily tell, by computing the stoichiometric pH, which titration is 
more feasible. The one whose stoichiometric pH lies nearer 7 gives the 
sharper end point. This is illustrated in Table 20. 
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The most common salt titration, that of carbonate, has been studied 
in the preceding chapters. The titration curve is shown in Fig. 20. 
There are two breaks, at pH near 8.6 and 4, respectively, which cor- 
respond to phenolphthalein and methyl orange end points. The phe- 
nolphthalein end point is not sharp, since the solution is buffered on 
both sides of the stoichiometric point. The second break is quite sharp 
and gives a good end point. Since, however, methyl orange is a poor 
indicator for use with dilute HC1 solutions (because the color intensity 
is low), it is preferable in this titration to add excess acid, boil off C0 2 , 
and back-titrate by an indicator whose color change is sharp, as de- 
scribed in the procedure on page 136. After removal of C0 2 , the 
stoichiometric pH is that of the NaCl in solution, or 7. The end point 
with the mixed indicator used occurs at about pH 5. 

The reason for using carbonate-free NaOH for titrations with phe- 
nolphthalein indicator is that, if carbonate is present, the solution is 
buffered by formation of bicarbonate; this causes an obscure and fad- 
ing end point. A small amount of carbonate can be tolerated, since 
not enough buffer is formed to cause end point difficulty. However, if 
there is any carbonate, it must be kept in mind that the normality is 
not the same when the solution is used with methyl orange indicator as 
when used with phenolphthalein. For example, assume that 50 ml 
solution contains 5 m mol NaOH and 0.25 m mol carbonate. At the 
phenolphthalein end point all the NaOH is neutralized, and the car- 
bonate has been converted to bicarbonate. The total number of basic 
milliequivalents is 5.25, and thus the phenolphthalein normality is 
5 25 m e/50 ml or 0.105. At the methyl orange end point both the car- 
bonate and hydroxide are completely neutralized, and the total num- 
ber of basic milliequivalents is 5.50, or the methyl orange normality is 
5.5 m e per 50 ml, or 0.110. 


INDICATOR BLANK 

The need for indicator blanks is readily seen from a consideration of 
the titration curves of the preceding sections. If the end point does not 
coincide with the stoichiometric point, it is necessary to determine the 
amount of acid or base required to go from the stoichiometric to the 
end point. This volume should be subtracted from the total volume 
used in the titration. Thus, if an HCl-NaOH titration with 0.1 AT re- 
agents is made with methyl orange, the end point occurs near pH 4. 
The data of Table 18 show that pH 4 is reached when 24.85 ml 0.1000 N 
NaOH is added to 25.00 ml 0.1000 N HC1, or when 0.15 ml HC1 is un- 
neutralized. Subtraction of this value from the total HC1 volume gives 
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as the net volume 24.85 ml HC1 which reacts with 24.85 ml NaOH. 
Phenolphthalein gives an end point so close to neutrality that the vol- 
ume of 0.1 2V NaOH consumed is negligible. If, however, a very dilute 
NaOH solution is used, the blank may be appreciable even with phe- 
nolphthalein. 

Whenever possible the use of indicator blanks is avoided by selecting 
the indicator so that the end point coincides with the stoichiometric 
point. 

BUFFER SOLUTIONS 

It has been pointed out in connection with various titration curves 
that certain solutions are buffered. _A buffer jsolutior^ is ^ defined_as_one 
which containsj3onstituents thaLreact with^either jicii 0£_b§£e, jso tha t 
it is resistant to changesjn gll^ % In general, a buffer consists of a weak 
electrolyte and its salt. A common type is represented by a solution of 
acetic acid and sodium acetate. When an acid is added, it reacts with 
sodium acetate to form more acetic acid. A base reacts with acetic 
acid to form more acetate. Since the pH is governed by the ionization 
of the acetic acid, a change in the ratio of salt to acid does not cause any 
great change in pH until one or the other constituent is nearly used up. 

Buffers are very important both in pure chemistry and the chemical 
processes of living matter. In the human body the pH of blood and 
body fluids remains remarkably constant, regardless of the type of diet 
used, because of the buffer effects of bicarbonate, phosphates, and other 
salts. 

To illustrate the effect of a buffer we may consider the effect produced by adding a 
small amount of acid or base to (1) an unbuffered solution of NaCl and (2) to a 
solution buffered by presence of acetic acid and sodium acetate. Consider addition 
of 1 m e HC1 to 10 ml 1 N NaCl. Before addition of HC1 the pH is 7. After addition, 


[H+] 


1 m e 
10 ml 


= 0.1 


pH - 1 


If the same amount of HC1 is added to a buffer which is 1 N with respect to HAc 
and NaAc, the lme HC1 reacts with 1 m e NaAc to form 1 m e HAc. Before addi- 
tion of HC1 10 ml of the solution contains 10 me HAc and 10 m e NaAc. After 
addition, the same solution contains 9 m e NaAc and lime HAc. The pH for the 
two cases is readily computed: 

Before addition, 


;h+] = i.8 x icr 5 xH = i.8x icr 5 

pH = 4.75 
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[H + ] = 1.8 X 10“ 5 X V- - 2.2 X 10" 1 


pH = 4.66 


Thus it is seen that the same amount of HC1 that changes the pH 6 units 
when added to an unbuffered solution will cause a change of only 0.09 pH 
unit when added to a buffered solution. If we had added 1 m e NaOH, 
respectively, to the buffered and unbuffered solutions, a similar resist- 
ance to change would have been found. 

Examination of the titration curves of this chapter shows that all 
have a buffered region in which there is little change in pH as reagent is 
added. In all cases except the strong-acid-strong-base titration the 
buffer region is where the solution contains either a weak acid and its 
salt or a weak base and its salt. The HCl-NaOH titration curve shows 
a region of little change in pH, when strong acid is present in large ex- 
cess. This is not, strictly speaking, a case of buffer action in the sense 
that some constituent reacts with added acid or base to maintain tjie pH 
nearly constant. Rather it is due to the fact that, when there is a large 
concentration of acid present, there must be added a large amount to 
change the hydrogen-ion concentration by a significant amount. That 
is, when the hydrogen-ion concentration is of the order of 0.1 M, it re- 
quires a large amount to change it by a factor of 10, which is required 
for a pH change of 1 unit. 

The pH of a weak electrolyte-salt buffer can be computed by the 
relations: 


[II + ] [salt] 
[acid] 

[OH~][salt] 

[base] 


for an acid buffer 
for a base buffer 


These relations can be used to compute the relative amounts of weak 
electrolyte and its salt to employ for making up a buffer solution of a 
given pH. In general, to prepare such a solution it is desirable to select 
the acid or base whose ionization constant most nearly equals the 
hydrogen- or hydroxide-ion concentration desired for the buffer, so that 
the acid/salt or base/salt ratio can be made as near unity as possible. 
When the ratio is unity, the buffer has maximum capacity to take up 
either acid or base. For example, if it is desired to prepare a buffer of 
pH 9 (or pOH 5), one uses a mixture of ammonium hydroxide and am- 
monium chloride. Then, 


[OH-][NH 4 ] 


= i.8 x icr 5 


[nh 4 oh] 
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Since [OH~] = 10“ 6 , 

[NH 4 + ] 1.8 X 10~ 5 

— = — = 1.8 

[NH 4 OH] 10~ 5 

To prepare this buffer it is only necessary to mix an ammonium salt 
with ammonium hydroxide in such proportions that the molar concen- 
trations of salt and hydroxide are in the ratio 1.8 to 1. 

Lists of standard buffers covering the whole pH range have been 
prepared (see references at end of this chapter or any handbook of 
chemistry). A few typical ones covering a limited pH range are shown 
in Table 21. 


TABLE 21 

Typical Series of Buffers According to Clark and Lubs 


pH of a Composition of Equilibrium 


. pH 
Range 
1 -2.2 

Reagents 

Required 

0.2 N HC1 

0.2 N KC1 

Typical 

Mixture 

2.0 

Typical Mixture 
{per 100 ml Solution) 
10.6 ml HC1 * 

50.0 mlKCl* 

which Con- 
trols pH 

2.2- 3.8 

0.1 N HC1 

0.1 M KHC 8 H 4 0 4 

3.4 

9.90 ml HC1 

50.0 mlKHC 8 H 4 0 4 

Ionization of 

h 2 c 8 h 4 o 4 

4.0- 6.0 

0.1 A NaOH 
O.IMKHCsHA 

5.8 

43.00 ml NaOH 

50.0 mlKHC 8 H 4 04 

Ionization of 

hc 8 h 4 o 4 - 

6.0- 8.0 

0.1 A NaOH 

0.1 Af KH2PO4 

7.4 

39.50 ml NaOH 

50.0 ml KH 2 P0 4 

Ionization of 

h 2 po 4 ~ 

8.0-10.0 

0.1 A NaOH 
f O.IMH3BO3I 
10.1ATKC1 J 

9.2 

27.60 ml NaOH 

50.0 ml H3BO3-KCI 

Ionization of 

H3BO3 


* Per 200 ml solution. 


References 

I. M. Kolthoff (translated by C. Rosenblum), Acid-Base Indicators , Macmillan, 
1937. 

W. M. Clark, The Determination of Hydrogen /on, 3d Ed., Williams and Wilkins, 
1928. 


QUESTIONS 

1. What experimental data would you need to decide whether an electrolyte is 
strong or weak? 

2. How would you decide when to neglect an X term which is added to or sub- 
tracted from another number in a quadratic equation? 
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3. Why does acetic acid have a higher pH than hydrochloric acid of the same 
normality? How does the pH of hydrochloric and sulfuric acids of the same normality 
compare? Of the same molarity? 

4. Derive an expression for the hydrolysis of ammonium acetate. 

5. Is a solution which appears “neutral’ ’ to methyl red, that is, has a color inter- 
mediate between red and yellow, neutral in the sense that the pH of the solution 
is 7? 

6. Explain why an indicator does not show a continuous change of color throughout 
the pH range from 0 to 14. 

7. What colors will the following indicators have at pH values of : 2, 3.3, 6.7, 7, 9, 1 1? 

(а) Bromthymol blue. 

(б) Methyl orange. 

(c) Litmus. 

(i d ) Phenolphthalein. 

8. What colors will the indicators, methyl yellow cresol red, and thymolphthalein, 
have in solutions of the following pH values? 

3.5, 7.5, 10.0. 

9. Why is a titration curve plotted in terms of pH instead of hydrogen-ion con- 
centration? 

10. Why do the titration curves given for hydrochloric and acetic acids coincide 
after the stoichiometric point is passed? 

11. Plot, on the same coordinates, the approximate titration curves for 

(a) 0.1 N NaOH vs. 0.1 N HC1; 1 N NaOH vs. 1 N HC1. 

(b) 0.1 N HAc vs. 0.1 N NaOH; 1 N HAc vs. 1 N NaOH. 

12. Draw approximate titration curves on which are indicated the line for pH 7 
and the stoichiometric volume for 

(a) 25 ml of 0.1 M HCN titrated by 0.1 M KOH. 

(b) 25 ml of 0.1 M HNO3 titrated by 0.1 M NaOH. 

(c) 50 ml of 0.1 M NH4OH titrated by 0.2 M HC1. 

(1 d ) 15 ml of 0.1 M Na3P04 titrated by 0.1 M HC1. 

13. Discuss the feasibility of titrating HCN to a point of color change of an 
indicator. How might the titration be accomplished? 

14. What factors must be considered in selecting an indicator for a titration? 
What factors affect the feasibility of a titration? 

15. Draw an approximate curve for the titration of sodium sulfide by hydrochloric 
acid. No computations should be made. 

16. Why is not methyl red a suitable indicator for the titration of 0.001 N HC1 by 
0.001 N NaOH? 

17. Which reaction is more feasible for titration? 

(а) HAsOr + OH” - As0 4 s 

(б) As0 4 " + H+ = HAsOr 
(Ki for HAsOr - 6 X 10“ 10 ) 

18. Why cannot orthophosphoric acid be titrated directly as a tribasic acid? 

19. In which of the following cases should an indicator blank correction be applied? 

(а) NaOH (carbonate-free) titrated with HC1 using phenolphthalein. 

(б) NaOH (containing carbonate) titrated with HC1 using methyl red and boil- 
ing. 

(c) NaOH (containing carbonate) titrated with HC1 using methyl red and not 

boiling. 
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20. For which of the following titrations is phenolphthalein a suitable indicator 
without the application of an indicator blank? 

(a) Na 2 CC >3 titrated to complete neutralization with HC1 in a cold solution. 

( b ) Acetic acid titrated by carbonate-free base. 

(c) Hydrochloric acid titrated by ammonium hydroxide. 

(d) 0.001 A HC1 titrated by 0.001 A NaOH, carbonate-free. 

(e) 0.2 A H 2 SO 4 titrated by 0.2 A NaOH in the Kjcldahl determination. 

21. A base which contains carbonate is standardized by the use of methyl red as 
indicator; the solution is boiled before the end point is determined, and an indicator 
blank is applied. Could the normality so determined be used for the titration of an 
acetic acid solution? Explain. 

22. A base which is carbonate-free is standardized, methyl orange being used as 
indicator, but no indicator blank correction is applied. Could the normality so 
determined be used in the titration of an acetic acid solution? Explain. 

23. Why is NaCl used in the determination of the indicator blank correction when 
methyl red is used as an indicator? 

24. The ionization constants for an acid H 3 Z are 10 “ 3 , 10 ~ 7 , and 10~ 13 . Would 
it be feasible to titrate this acid as a monobasic, dibasic, or tribasic acid? 

25. Which of the following can be feasibly titrated with 0.1 A NaOH? In the 
case of polybasic acids specify whether the acid is titratable as monobasic, dibasic, 
etc. 

H 2 SO 4 , H 2 C 2 O 4 , II 3 PO 4 , HBO 2 , HCN. 

26. Which of the following can be feasibly titrated with 0.1 A II Cl? 

Na 2 S, NaC 2 H 3 0 2 , NaCN, NaB0 2 , C 6 H 5 NH 3 OH. 

27. A base solution is prepared nearly free of carbonate. This solut ion is standard- 
ized with potassium acid phthalate, using phenolphthalein indicator. The base is 
now used to standardize a hydrochloric acid solution, with phenolphthalein indicator. 
If the acid and base solutions are used for titrations with methyl orange indicator, 
which has the more accurately known concentration? Explain. If a titration is 
made with methyl orange indicator, will the acid solution have the same normality 
with this indicator as the value originally determined by means of phenolphthalein 
indicator? Explain, How may the true normality of the base solution, for use with 
methyl orange indicator, be determined? 

28. What is a buffer solution? Under what condition does a buffer solution have 
the greatest capacity to absorb acid or base without appreciable change in pH? 


PROBLEMS 


1. Convert to pH values: 

(a) [H+] = 0.0003 

( b ) [H+] « 18 X 10" 6 
(r) [H+] = 0.45 X 10“ 9 

(d) [H+] - 1.25 

(e) [H+] - 10 


(/) [H+] = 0.50 

(g) pOH = 8.50 

(h) [OH~] - 0.0000072 

(i) [OH“] = IQ" 12 


2. Find the H + which correspond to the following: 


(а) pH = 8.95 

(б) pH - 12.00 

(c) pH - -1 

(d) pH = 3.85 


(e) pH = 0.00 
(/) pOH = 4.50 
( 1 g ) pOH = 15.0 
(h) pOH = 0.30 



9 


Problems 


187 


3. Find the [OH - ] which correspond to the values in Problem 2. 

4. At 100 °C K w is 5.8 X 10~ 13 . What is the pH of a neutral solution at 100 °C? 

5. At 0°C K w is 1.2 X 10“ 15 . Is a solution whose pH at 0°C is 7 neutral, acidic, 
or basic? 

6. Calculate the pH of the following solutions: 

(a) 0.001 M HC1. 

(b) 0.001 M HN0 2 . 

(c) 0.01 M KN0 2 . 

7. Find the pH of the following solutions: 

(a) 50 ml of 0.0001 M NaOH. 

(b) 10 ml of 2.0 M HC1. 

(c) 100 ml of 0.01 M Ba(OII)2 (assume complete ionization). 

(d) 75 ml of 0.1 M KN0 3 . 

(e) 25 ml of 0.01 M H2SO4 (assume complete ionization). 

(/) 100 ml of 0.2 M sodium benzoate. 

(g) 5 g of Na 2 S04 in 250 ml of solution. 

(h) 5 m mol NH 4 C1 added to 200 ml 0.1 M NH 4 OH. 

(i) 0.025 mole KOH in 125 ml solution. 

(j) 1 g HAc in 100 ml. 

(k) 1 g HC1 in 100 ml. 

(l) 1 g HC1 and 1 g KOI in 100 ml. 

(m) 1 g HAc and 1 g KAc in 100 ml. 

8. 50 ml of 0.1 M NH 4 OH is mixed with 100 ml 0.1 M HC1. What is the pH of 
the resulting mixture? 

9. Repeat Problem 8, but use 50 ml of 0.1 M HC1 and 100 ml of 0.1 M NH4OH. 

10. How many grams of KOH must be dissolved in 400 ml to produce a solution 
whose pH is 9.95? 

11. Repeat Problem 10, but use NH3 in place of KOH. 

12. If the solution of Problems 10 and 11 are mixed, what is the pH of the mixture? 

13. How many milliliters of 0.1000 M HC1 must be diluted to 250.0 ml to produce 
a solution of pH 2.50? 

14. How many drops of 0.1 M HC1 must be added to 100 ml of water to change 
the pH from 7 to 4? Repeat the calculation using 1 N acid. 

15. If 100 per cent ionization is assumed, is it possible to prepare a solution of 
pH —2.3 from concentrated sulfuric acid? 

16. Is it. possible at room temperature to prepare a NaOH solution whose pH is 15? 

17. 10 ml of 0.2 M HC1 is added to 100 ml of 0.1 M HC1. What is the pH of the 
mixture? 

18. 25 ml of 0.2 M HAc is diluted to 75 ml and titrated with 0.1 M NaOH. Find 
the pH when half the acid has been neutralized. 

19. What color will each of the following indicators have in the solutions of 
Problem 6? Broinphenol blue, methyl red, phenol red. 

20. An indicator which is a weak monobasic acid is blue in a strongly acid solution 
and yellow in a strongly basic one. If the K ina is 10~ 10 , what is the pH when 40 
per cent of the indicator is in the yellow form? What color would this indicator have 
in a solution of pH 7? 

21. The K ina for an indicator which is a weak monoacidic base is 10“ 6 . What is 
the pH when the indicator is equally divided between its two colored forms? 

22. What is the concentration of HC1 present in solution when methyl red shows 
its intermediate color? 

23. Repeat Problem 22, but use HAc. 



188 Theory of Neutralization Reactions 9 

24. What is the pH at the stoichiometric point when 50 ml of 0.1 M HC1 is diluted 
to 75 ml and titrated with 0.2 M NaOH? 

25. Repeat Problem 24, but use HAc. 

26. What is the pH at the stoichiometric point in the titration of 5 m mol of KHP 
dissolved in 100 ml of water and titrated with 0.1 M NaOH? (Neglect anything 
but the first step of the hydrolysis.) 

27. 0.025 mole Na 2 C0 3 is dissolved in 150 ml of water and titrated with 1.0 M HC1 
using methyl red as the indicator. Find the approximate pH at the stoichiometric 
point. 

28. Select an indicator for the titration of 50 ml of 0.1 M benzoic acid in a volume 
of 225 ml and titrated by 0.2 M KOH. 

29. The acid HA has an ionization constant of 10~ 5 . If 50 ml of 0.1 A HA is 
diluted to 200 ml and titrated with 0.1 A NaOH: 

(а) Find the pH before any base is added. 

(б) Find the pH when 25 ml base has been added. 

(c) Find the pH at the stoichiometric point. 

(d) What indicator should be used? 

(e) Draw the approximate titration curve, using the points for which the pH 
has been computed. 

(/) Give reasons for thinking that the titration is feasible, without computing 
the pH at points near the stoichiometric point. 

30. The base BOH has an ionization constant of 10~' 6 . If 50 ml 0.1 A BOH is 
titrated with 0.1 A HC1: 

(a) Find the pH before any acid is added. 

(i b ) Find the pH at the stoichiometric point. 

(c) Find the pH when the base is two-fifths neutralized. 

(i d ) Draw the approximate titration curve. 

(e) W r hat indicator should be used? 

31. Repeat the calculations of Problem 29 for the neutralization of 50 ml 0.001 A 
HA by 0.001 A NaOH, assuming an initial volume of 200 ml. 

32. From the data given in this chapter, plot on a large scale the titration curve 
for 0.1 A HC1 and NaOH. 

33. In a titration 25 ml 0.001 A HC1 is diluted to 100 ml and titrated by 0.001 A 
NaOH. Compute the pH for the addition of 0, 5, 20, 24, 26, 30 ml base. Plot the 
results on the same sheet, and compare with the plot of Problem 32. 

34. 50 ml of 0.1 M HX (A* = 10~ 7 ) is diluted to 75 ml and titrated with 0.2 M 
KOH. 

(а) What color will the indicator methyl red exhibit when enough base has 
been added to neutralize half the acid present? 

(б) Select an indicator for the titration. 

(c) Draw the approximate titration curve, and discuss the feasibility of the 
titration. 

35. A 0.05 M solution of a salt BC1 has a pH of 4.35. What is the ionization 
constant of BOH? 

36. It is found that 50.00 ml of a carbonate-free base is neutralized to the phenol- 
phthalein end point by 50.00 ml of 0.1000 A HC1. 

(а) What volume of HC1 is needed to neutralize 50.00 ml of the base to the 
methyl orange end point, pH 3.80? 

(б) What is the normality of the base solution when used with phenolphthalein 
indicator? 
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(c) What is the normality of the base solution when used with methyl orange 

indicator without an indicator blank, assuming an end point at pH 3.80? 

37. An acid HA has an ionization constant of 5 X 10 -6 . If 50 ml of a 0.1 M 
solution of the acid is diluted to 200 ml and titrated with 0.1 N NaOH: 

(a) Compute the pH when 49.95 ml of base has been added. 

(i b ) Compute the pH when 50.05 ml of base has been added. 

38. (a) How many grams of NaAc must be added to 300 ml of 0.01 M HAc to 
produce a buffer of pH 6.50? 

(b) 2.00 m mol NaOH is added to the above buffer. What is the pH after the 
addition of the base? 

(c) What would happen to the buffer if 2.00 m mol NaOH additional were intro- 
duced? 

39. 10 ml of 0.1 M HC1 is added to 100 ml of a solution which is 0.1 M both 
in HAc and NaAc. By how many units does the pH change because of the HC1 
addition? 

40. What is the pH of a solution which produces a slight greenish color when 
bromthymol blue is added as an indicator? What must be the ratio of [Ac ]/[HAc] 
to produce a solution of this pH? 

41. Find the pH of a buffer made by dissolving 3 m mol NaCN and 5 m mol HCN 
in 250 ml solution. 

42. What is the pH of a buffer which has been prepared by mixing 250 mg of 
NH 4 C1 and 200 ml of 0.1 M NH4OH solution? What is the pH of this after 10 m 
mol HC1 has been added? The addition of the acid dilutes the mixture to 250 ml. 

43. What is the pH of a buffer made by mixing 43.00 ml of 0.1000 N NaOH with 
50.00 ml of 0.1000 M KHP and diluting to a volume of 100 ml? 

44. Estimate the pH of a buffer made by adding 10 g of NaHCOs to 250 ml of a 
solution which is saturated with CO2 and is 0.032 M in H2CO3. 

45. Estimate the pH of a buffer made by mixing 50 ml of 0.1 M KH2PO4 and 25 ml 
of 0.1 M NaOH and diluting to 200 ml. 



CHAPTER 



Complex Equilibria 


In the preceding chapter we have discussed the effects of ionization 
of weak electrolytes and of hydrolysis on acid-base titrations. A sim- 
plified treatment was used which was adequate for the mathematical 
formulation of the equilibria considered. This simplified treatment has, 
however, certain limitations when applied to complex equilibria or to 
very dilute solutions where the contribution of the hydrogen or hydrox- 
ide ions from water may be of significance. For example, if one com- 
putes the pH of a 10~~ 6 M solution of an acid whose ionization constant 
is 10~ 10 , by the previously described method, there is obtained the 
expression, 

1 = io - 10 

[IIA] 



or, by use of the customary approximation, 


Solution of this gives 


[Hi 2 

nr 6 


IQ-iO 


[H + ] - i(r 8 


This is, of course, an absurd answer. The fallacy of the treatment is 
that we have neglected the contribution from the ionization of water, 
which will by itself give a hydrogen-ion concentration of 10~ 7 . 

We shall in this chapter outline a general method which can be 
applied to any set of equilibria. The equations as set up are often too 
complicated for ready solution, and it is frequently necessary to make 
simplifying assumptions before solving them. However, when this is 
done, the worker is aware of what assumptions have been made, whereas 
in using the simpler methods of Chapter 9 he may readily lose sight of 
the tacit assumptions involved. 
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Complex Equilibria 

We may illustrate the general method by consideration of the hydrol- 
ysis of acetate ion from NaAc solution whose initial concentration is C. 
The various equilibria to be considered are : 

x Y 

H 2 0 = H + + OH 
z x c-z 
HAc = H + + Ac"" 

The equilibrium concentrations are indicated by the algebraic symbols 
above the chemical formulas. The concentration of acetate ion is C — Z, 
because C is the initial concentration, and Z is the concentration of the 
portion that has reacted to form IIAc. 

Mathematically, we have 

XY = K w 
X{C - Z) 

z 

Here we have two equations involving three unknowns. To get a third 
relation, we equate the sum of the plus charges in solution to the sum 
of the negative charges, since the solution is electrically neutral. 
a x c-z y 

[Na + ] + [H+] = [Ac~] +JOU-] 
or 

X = Y — Z 

To solve, we make the simplifying assumption that C — Z = C, or that 
Z is small in relation to C. The validity of the assumption is tested 
later by comparing the value of Z with that of C after a preliminary 
solution has been obtained. We now have 

XY = K w 

CX = ZK a 

X = Y - Z 

Eliminating Y, which is K w /X, we have 

CX = ZK a 

X- — -Z 
X 

Substitution of CX/K a for Z gives 

K w CX 



Rearranging gives 
Solving, we get 


Complex Equilibria 

K a X 2 = K a K w - CX 2 

V C + K. 


When C » K a , this reduces to 


This is identical with the solution obtained by the classical methods of 
Chapter 9. When C is of the same magnitude as K a (in very dilute 
solutions), the complete equation must be used. 

To check the validity of the simplifying assumptions made, we solve 
for Z: 

CX C I K a K w 


When C » K a 


K a K a + K a 


C \K a K u 


K a ' C 


Since K w /K a is 10~ 14 /1.8 X 10 -5 or 5.5 X 10 -10 , the value of Z is 
much smaller than that for C, and the assumption that C — Z — C is 
justifiable. 

Ionization of Weak Acid. The complete equilibria for the ioniza- 
tion of a weak acid HA in a solution of concentration C are: 

c-z x z 
HA = H+ + A~ 

X Y 

H 2 0 = Ii+ + 0H~ 

The mathematical relations for these equilibria are: 


C-Z 


= K a 


XY = K u 


Summation of charges gives 


[H+] = [OH - ] + [A - ] 


X = Y + Z 
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To solve, assume C — Z = C. Then, 


Eliminating Y gives 


Eliminating Z gives 


When CK a »K w , 


XZ = CK a 
XY = K w 
X= Y + Z 

XZ = CK a 

K w 

X "T + Z 

V K W CK a 
X + X 
X 2 = K w + CK a 

X = VJT W + CK a 

X = VCK a 


This is the usual expression for the hydrogen-ion concentration in a 
solution of a weak acid. 

In extremely dilute solutions, where C is very small, the degree of 
ionization becomes large and one cannot assume C — Z = C. For this 
case the complete solution is necessary to get an exact formula. An 
approximation can be made by assuming ionization is complete and 
that the total hydrogen ion is that contributed by the acid and the 
water. 

Hydrolysis of Salt of Weak Base and Weak Acid. To illustrate, 
we may consider the pH of a 0.1 M solution of ammonium borate. The 
equilibria are: 

x Y 

H 2 0 = H+ + OH- 

Z X c-z 

HB0 2 = H+ + B0 2 “ 

P C-P Y 

NH 4 OH = NH 4 + + OH~ 


The mathematical relations are : 


( 1 ) 

( 2 ) 


XY = K„ 


X(C - Z ) 


= Ka 
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(3) 


Y(C - P) 
P 


= K b 


Summation of charges gives 


(4) 


C-P X C-Z Y 

[NH 4 +] + [H+] = [BO a -] + [OH~] 
X — P = Y — Z 


Here we cannot assume C — P or C — Z ~C, since we know that ex- 
tensive hydrolysis occurs. As a first approximation, we shall assume 
P = Z. Then, 

(5) X(C - Z) = IC a Z 

(6) Y(C - Z) = K b Z 


Combining (5) and (G) gives 

X(C - Z) _ Y(C - Z ) 

or 

X Y 


K a K b 

If we eliminate Y by (1), then, 

_X _ K w _ 
K a ~ XK b 


X 2 


A y, 

~kT 


X = 



To test the validity of the assumption that P = Z, we substitute values 
for the constants K a , K b , and K w and solve. Then 


[H 


+1 


/l.l X 


10 J X 10 


-14 


8 X 10 


-5 


= 7.85 X 10 -10 


From (1), we have 
From (2), we have 


[OH - ] = 1.27 X 10 -5 


C-Z 1.1 X 10~ 9 
Z - 7.8 X 10 -10 
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If C is taken as 0.1 M, solution for Z gives 

Z = 0.0415 

From (3), 

C - P 1.8 X 10 -5 

= = 1.42 

P 1.27 X 10~ 5 

If C = 0.1, P = 0.0412, or P ~ Z. 

It should be noted that pH of the solution does not depend on the 
concentration. A salt of a weak base and weak acid is a good buffer for 
the pH value determined by the relative values of K a and Kb- When 
the acid is stronger than the base, the solution is acidic, and, when the 
base is stronger, the solution is basic. When K a — Kb, the solution is 
neutral. A solution of ammonium acetate is therefore a neutral buffer. 

Sodium Bicarbonate Solutions. One cannot use the simple hy- 
drolysis equation discussed in Chapter 9 to compute the pH of a solu- 
tion of bicarbonate ion because there occurs in such a solution two dif- 
ferent reactions. Bicarbonate ion (1) hydrolyzes to carbonic acid and 
(2) ionizes to hydrogen and carbonate ions. The reactions and the 
concentrations present at equilibrium in a NaHC0 3 solution of concen- 
tration C are: 

X Y 

IIoO = H + + OH“ 

P X C-P-Z 

H 2 C0 3 « H+ + HC0 3 _ 
c-p-z x z 

hco 3 - = II + + C0 3 = 

The mathematical relations are : 


( 1 ) 

( 2 ) 

(3) 




Summation of charges gives 


x c Y C-P-Z 2 z 

[H+] + [Na+] = [OH - ] + [HC0 3 - ] + 2[C0 3 =] 


We note that the negative charges associated with carbonate ions are 
twice the molar concentration of the ion, since it is doubly charged. 
This gives 


(4) 


X= Y -P+Z 
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As a first approximation, assume C — P — Z = C. Then 


(5) 

( 6 ) 

Eliminating Y gives 


X - 


CX = PKi 
XZ = CK 2 

CX = PKi 

zx = cz 2 

K w 


Z-P 


Eliminating Z gives 


X - 


CX = PK X 
K w CK 2 


Eliminating P gives, X — 


X X 
K w CK 2 CX 


X X Ki 

Solving for X, we have 

KiX 2 - K W K X = CKJU - CX 2 

X 2 (C + KJ = CK\K 2 + K X K % 




K 2 4 “ K\K U 


10 


C + Ki 

Since Ki » if 2 » and C is usually large in comparison with K u 
this reduces to 


x = Vkjc 2 


or 


[H + ] = V3X10 -7 X 7 X 10 -u 
= 4.6 X IQ -9 


PROBLEMS 

1. A solution contains the following ions at the stated concentrations: 

[Fe +++ ] = 0.1 M [H+] = 0.1 M [S0 4 = ] = 0.2 M [Cr] = 0.1 M 

From the viewpoint of the electrical neutrality of solutions must any other ions also 
be present? 

2. How many equations would have to be set up to determine precisely the pH 
of a 0.1 M K 2 HPO 4 solution? 
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3. Find the pH of a solution made by diluting one drop (0.04 ml) of 0.10 N HC1 
to 10 1. 

4. Repeat Problem 3, but use HAc. 

5. Find the pH of 0.1 AT solutions of: 

(а) NaHS0 3 . 

(б) KHS. 

(c) NH 4 N0 2 . 

6. Find the pH at the stoichiometric point in the titration of 50 ml of 0.1 M 
NH4OH by 0.1 M HAc if the total volume at the end of the titration is 200 ml. 

7. Repeat Problem 6, but use HCN. 

8. Compute the degree of hydrolysis for 10 _1 , 10 -3 , 10~ B , 10~ 7 M solutions of 
sodium acetate. Construct a curve showing a as a function of pC (— log concen- 
tration). The degree of hydrolysis is the ratio of the concentration of acetic acid 
to the original concentration of salt present. 

9. Make a computation similar to that of Problem 8 for the hydrolysis of am- 
monium chloride and plot a curve showing a as a function of pC. 



CHAPTER 



Oxidation— reduction I. General 
Discussion 


Analytical methods which are based on the oxidation or reduction of 
a constituent of the sample by an ion of a standard solution are known 
as oxidation-reduction or redox methods. A great variety of such 
methods is used in analytical chemistry, because a large number of the 
elements give ions that can readily be oxidized or reduced. Conse- 
quently, redox methods are used for more different types of analyses 
than are all other volumetric methods combined. 

Definitions. Oxidation is an increase in positive valence due to loss 
of an electron from an atom, ion, or molecule. Reduction is the opposite 
process, a gain of an electron or loss of positive valence. In the reac- 
tion. 

2 Fe +++ + 21“ = 2 Fe ++ + I 2 

iodide ion is oxidized to iodine, and ferric ion is reduced to ferrous ion. 
The oxidizing agent is the electron acceptor, in this case ferric ion, and 
the reducing agent is the electron donor, the iodide ion. 

Since all solutions are at all times electrically neutral, an oxidation 
or reduction will not occur singly; when one substance takes up elec- 
trons and is reduced, another substance furnishes the electrons and is 
oxidized. 

Standard Solutions. Fortunately one does not need specific re- 
agents for each individual redox reaction. With a standard solution of 
a strong oxidizing agent such as potassium permanganate and a solu- 
tion of a reducing agent such as sodium thiosulfate, practically any 
oxidation or reduction analysis can be performed. The strong oxidizing 
agent is used for analysis of samples which contain reducing agents. 
Samples which contain oxidizing agents can be analyzed by treating 
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with an excess of potassium iodide and titrating the liberated iodine 
with standard thiosulfate solution. 

Other reagents which are suitable for use as standard solutions are 
ceric sulfate, a strong oxidizing agent; potassium dichromate, a mod- 
erately strong oxidizing agent; iodine, a weak oxidizer; and arsenious 


TABLE 22 

A Partial List of Determinations That May Be Made by 
Oxidation or Reduction Methods 


Substance 

Standard 

Determined 

Reagent 

Antimony, H 3 Sb 0 3 

I 2 

Arsenic, H3ASO3 

I2 

Bromine, Br2 

Na 2 S 2 0 3 

Bromate, Br 0 3 ~ 

Na 2 S 2 03 

Calcium, CaC 2 04-H 2 0 

KMn 0 4 

Chlorine, CI2 

N a 2 S 2 0 3 

Chlorate, CIO3 - 

Na 2 S 2 03 

Chromium, 

Na 2 S 2 03 

Copper, Cu ++ 

Na 2 S 2 0 3 

II 2 S 

I 2 

TI2O2 

KMn 0 4 

Iodine, I 2 

N a 2 S 2 0 3 

Iodate, IO3 

Na 2 S 2 03 

iron, Fe ++ 

KM11O4 

Iron, Total 

KM11O4 

Manganese, Mn 0 2 

KMn 0 4 

Molybdenum, M0O3 

KMn 0 4 

Nitrites, HN 0 2 

KM11O4 

Oxalates, H2C2O4 

KMn 0 4 

Sulfites, H2SO3 

KMn 0 4 

Thiosulfate, S 2 03 = 

I 2 


Method of Analysis 
Titrate in neutral solution 
Titrate in neutral solution 
Treat with KI. Titrate liberated I2 
Treat with KI. Titrate liberated I2 
Dissolve in acid. Titrate H2C2O4 
As Br2 
As Br03~ 

Treat with KI in acid solution. Titrate I2 
Treat with KI in HAc solution. Titrate I2 
Direct titration, acid solution 
Direct titration, acid solution 
Direct titration 
As Br03~ 

Direct titration, acid solution 
Reduce to Fe ++ . Titrate as above 
Treat with H2C2O4. Titrate excess 
Reduce in Jones reductor to Mo +++ 
Titrate in acid solution 
Titrate in acid solution 
Titrate in acid solution 
Titrate in acid solution 
Direct titration 


oxide, a reducing agent. Sometimes the oxygen salts of the halogens, 
such as potassium bromate, are used. Many oxidizing agents, such as 
HNO3, Cl 2 , Br 2 , and H 2 0 2 , which are used in qualitative analyses, are 
not suitable for use as quantitative reagents because they do not give a 
single reaction or because a suitable end-point indicator is not available. 
However, the versatility of the reagents listed is so great that there is 
little need for other reagents — practically all redox analyses can be per- 
formed with the reagents listed. 

In the following chapters the preparation, standardization, and use 
of the more common redox reagents are discussed. Although these 
exercises cannot cover all possible applications, they do illustrate the 
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general properties of the reagents, and the student should have no 
difficulty in applying the methods to other analyses. 

A list of the more common determinations that are made by redox 
methods is given in Table 22. In studying this list, the student should 
classify the sample as oxidizing or reducing, to understand why the 
particular reagent is chosen. 

In every redox analysis it is essential that all of the substance to be 
determined be in the proper oxidation state prior to the titration. For 
example, all the iron in a sample must be present as ferrous ion before 
the sample is titrated with permanganate or other oxidizing agent. 
Further, there must not be in the solution any oxidizing or reducing 
agent other than the ion to be determined which will react with the 
titrating agent. In many analyses it is necessary to oxidize or reduce 
the sample, prior to thd titration, to insure that the sought constituent 
is in the proper valence state. In the iron analysis, the preliminary re- 
duction to the ferrous state is done by treating the sample with stan- 
nous chloride or with metallic zinc. It is of course necessary to remove 
any excess of the reducing agent from the solution before the iron is 
titrated. 

Indicators. In neutralization titrations, the indicator is itself an 
acid or base which undergoes a color change on neutralization. For a 
particular titration, that indicator is selected which will be neutralized 
at the desired pH to correspond with the stoichiometric point of the 
titration. 

Similarly, there are available redox indicators which undergo a color 
change on oxidation or reduction. For a particular titration with an 
oxidizing agent the indicator should be one which is not oxidized until 
practically all the sample has reacted, so that the end point will coincide 
with the stoichiometric point. The two most widely used of such redox 
indicators are diphenylamine sulfonic acid and orthophenanthroline. 
Diphenylamine sulfonic acid is the more readily oxidized of the two, 
and it is used with the weaker oxidizing reagents. Orthophenanthroline 
is used with the strong oxidizers such as potassium permanganate and 
ceric sulfate. The theory of the use of redox indicators is discussed in a 
later chapter. 

Besides the general redox indicators, there are a number of specific 
ones, suitable for a particular reagent. These indicators were in use 
for many years before the general redox indicators had been developed, 
and many of them are still standard. The more common of these are: 

1. Potassium permanganate . Permanganate ion is so highly colored 
that, when it is used as oxidizing agent, the stoichiometric point is 
recognized by the color imparted by a slight excess of the reagent. A 
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somewhat more sensitive end point can be obtained by use of ortho- 
phenanthroline, but this is not necessary except when very dilute per- 
manganate solutions are used. One drop of 0.1 N KMnO* will impart 
a distinct pink tinge to several hundred milliliters of solution. 

2. Starch has for many years been the standard indicator for the 
presence of free iodine; the deep blue color developed by iodine and 
starch is familiar to all. This indicator is reversible; that is, the color 
will appear with excess iodine and disappear with excess of reducing 
agent which removes the iodine. 

S. Potentiometric methods are wisely used to detect redox end points, 
as discussed in Chapter 24. An electric cell is set up in such a manner 
that the voltage depends on the concentration of the ion which is being 
titrated; measurement of the voltage shows when the point is reached 
at which the reaction is complete. In the course of the titration, the 
voltage changes in the same manner as the pH curves of Chapter 9 
change with volume of reagent added. 

' 4 . Spot-test indicators. When no internal indicator is available, it is 
sometimes possible to employ a spot-test indicator. At intervals dur- 
ing the titration, drops of solution are withdrawn and tested for the 
presence of a constituent of the reaction. The end point is indicated 
when a drop shows an abrupt change from the previously withdrawn 
drop. An example is the use of potassium ferricyanide as indicator for 
ferrous ion. Prior to the stoichiometric point, a drop of the solution 
gives the blue color typical of ferrous ferricyanide, but, when the end 
point is reached, the color no longer appears, since ferrous ion has been 
used up. Spot-test titrations are tedious and are not employed when- 
ever other indicators are available. 

Completeness of Oxidation Reactions. All oxidations are under 
proper conditions reversible. For example, the reaction, 

Fe ++ = Fe +++ + electron 

may go in either direction, depending on the presence of other sub- 
stances which will furnish or take up electrons. With permanganate ion 
ferrous ion is a reducing agent, but with iodide ion ferric ion is an oxidiz- 
ing agent. In general, if there are in a solution two ions which can change 
in valence, the one with the greater tendency to take up electrons will do 
so at the expense of the other. 

The elements and their ions can be arranged in a table which shows 
the relative tendencies to give up electrons. The student is already 
familiar with a simplified arrangement of this type, the electrochemical 
series of the metals. It may be recalled that the metals in this series 
are so arranged that each one will displace from solution those metals 
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which lie below it. For example, iron will react with cupric ion to give 
ferrous ion and metallic copper, or cupric ion will oxidize iron to ferrous 
ion. 

A more comprehensive form of the electrochemical series is shown in 
Table 25 on page 270. It includes not only metals, in the order in which 
they will displace one another from solution, but also ions and molecules 
that may exist in more than one valence state, and non-metals such as 
the halogens. As arranged in the table, the reducing agents are at the 
top and the oxidizing agents at the bottom. Any substance will tend 
to oxidize all substances above it in the table, provided they are present 
at the same concentration. 

In Table 25 numerical values are given for every half reaction. These 
values are known as the oxidation potentials of the atoms or ions. The 
meaning and use of these potentials is discussed in Chapter 15. For 
the present it is sufficient to state that the potentials provide a quantita- 
tive measure of the tendency of a material to give up an electron, with 
reference to an arbitrarily chosen standard of reference. When the 
potential is given a positive sign, the substance is a stronger reducing 
agent than the reference material (hydrogen), and, when the potential 
has a negative sign, the substance is a stronger oxidizing agent than the 
reference (hydrogen ion). When two substances are brought together, 
the one with the lower potential will tend to oxidize the other, if they 
are at the same concentrations. Thus for the ferrous-ferric and iodide- 
iodine systems the potentials are: 

Fe ++ = Fe +++ + e = -0.77 

21 = I 2 -|- 2c E® — 0.53 

The tendency of ferric ion to take up an electron is greater than that 
of iodine, and consequently ferric ion will oxidize iodide ion. 

An important consideration in oxidation— reduction reactions is the 
degree of completeness attained. Actually, since all oxidations are 
reversible, no reaction ever goes entirely to completion. Practically, 
however, a reaction can be said to be complete when the amount of 
original substance which has not reacted is below the limits of sensitiv- 
ity of the measuring instruments used. Oxidation of ferrous ion can be 
said to be complete when the unoxidized portion does not exceed 0.1 mg 
ferrous ion, since the analytical balance will not detect amounts below 
0.1 mg. 

A consideration of the quantitative relations governing the com- 
pleteness of redox reactions is given in Chapter 15. There it is shown 
how to compute from the oxidation potentials the equilibrium constant 
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for oxidation-reduction reactions. Pending this discussion, we can 
speak only qualitatively of the completeness of redox reactions. Quali- 
tatively it can be said that, when two reactants lie far apart in the oxi- 
dation potential table, their reaction will be essentially complete, and, 
when two substances have potentials of nearly the same value, their 
reaction will not be complete. Permanganate ion is a strong oxidizer, 
as shown by the potential: 

4H 2 0 + Mn ++ = Mn0 4 ~ + 8H + + 5e E° = -1.52 

In acid solution permanganate will oxidize ferrous ion so completely 
that, when there is an excess of one drop 0.1 N permanganate solution, 
the remaining ferrous ion is negligibly small — this reaction goes essen- 
tially to completion. On the other hand, ferric ion will not oxidize 
iodide ion in the same quantitative manner — when stoichiometric 
amounts of the two are brought together, the reaction is far from com- 
plete. Here the differences in the potentials are small. This reaction 
can be made complete only by adding a large excess of one or the other 
of the reactants. 


STOICHIOMETRY 

The stoichiometric computations of oxidation-reduction analyses are 
essentially the same as for neutralization reactions. The basic rule is 
that the equivalents or milliequivalents of oxidizing constituent must 
equal the equivalents or milliequivalents of reducing constituent. In 
acidimetry-alkalimetry the equivalent weight was defined in terms of 
the number of gram-atomic weights of hydrogen ion involved per mole 
of substance in the titration reaction since the exchange of H + is com- 
mon to virtually all neutralization processes. The equivalent weight 
of an oxidizer or reducer is defined in terms of the number of electrons 
gained or lost in the reaction; that amount of any oxidizer which gains 
one electron is always equivalent to that of reducer which loses one 
electron. The definition we shall use is : 

molecular weight 

Equivalent weight num k e r of electrons gained or lost as deter- 1 
1 mined from the reaction of titration 1 

Since the oxidation of a hydrogen atom or the reduction of a hydrogen 
ion requires one electron, it can be seen that there is a fundamental 
relation between the foregoing definition and the use of the element 
hydrogen as the basis for equivalent weight systems. 
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The volumetric determination of iron involves the reaction, 

Fe ++ = Fe +++ + e 

and the equivalent weight of iron is the same as its atomic weight, 
55.85. If we want to evaluate the equivalent weight of Fe 3 0 4 as related 
to the determination of iron by the same process, we note that each 
molecule of Fe 3 0 4 is capable of furnishing 3 molecules of Fe ++ in a 

TABLE 23 


Equivalent Weights of Some Oxidizing and Reducing Substances 


Substance 

K 2 Cr 2 0 7 

Essential Change 
in Titration 
Reaction 

Cr 2 OT -> 2Cr +++ 

Electron 
Gain or 
Loss Per 
Mole of 
Substance 

6 

Equiva- 

lent 

Weight 

294.21 

6 

Normality 
of a 0.1 M 
Solution 

0.6 

H 2 S 

H 2 S S 

2 

34.08 

2 

0.2 

Na 2 S 2 C >3 • 5H 2 0 

2S 2 0*T -> S 4 06“ 

1 

248.21 

1 

0.1 

As 2 C>3 

H 2 AsC >3 — ► II 2 ASO 4 4 

197.82 

Insoluble in water; 
but 0.1 mole As 2 C >3 
dissolved in NaOH 
and diluted to 1 1 . 
would prepare a 
0.4 AT NaAs0 2 
solution 

4 


chemical process which would dissolve Fe 3 0 4 and reduce all the iron to 
the ferrous state. Each of the three molecules of Fe ++ would lose one 
electron in the reaction of titration or a total of three electrons for all 
the iron furnished by one molecule of Fe 3 0 4 . The equivalent weight of 
Fe 3 0 4 under these circumstances is 231.55/3. 

As is the case, for example, with H 3 P0 4 in neutralization reactions 
(see page 110), the same oxidizing or reducing agent has different equiv- 
alent weights for various titration conditions. When KMn0 4 is used in 
acid solution, the change is from Mn0 4 ~ to Mn ++ which involves 5 
electrons per molecule of KMn0 4 , and the equivalent weight is 158.03/5. 
Used in basic solution the reaction involves the reduction of Mn0 4 - to 
Mn02, a change of 3 electrons per molecule of KMn0 4 , and the equiv- 
alent weight is 158.03/3. 

Table 23 will serve to illustrate further the foregoing definitions. 
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Balancing Equations. . Before the stoichiometric computations can 
be made for an oxidation reaction, it is necessary to write the chemical 
equation, to know the number of electrons involved per molecule of 
each reactant. Methods for writing such equations have been studied 
in general chemistry; they need only be reviewed here. 

TABLE 24 


A Partial List of Oxidizing and Reducing Agents 



Products 

Remarks 

Oxidizing Agents 

Mn0 4 ” + H+ 

Mn ++ + H 2 0 

Acid solution 

Cr 2 0 7 “ + H+ 

Cr +++ + H 2 0 

Acid solution 

Ce++++ 

Ce +++ 

Acid solution 

cior + h+ 

cr + H 2 0 

Acid solution 

BrOs - + H+ 

Br- + H 2 0 

Acid solution 

IO.r + H+ 

i- + H 2 0 

Acid solution 

N0 3 - + H+ 

NO + H 2 0 

Many side reactions 

Clj 

cr 


Mn0 2 + H+ 

Mn++ + H 2 0 

Acid solution 

H 2 0 2 + H+ 

h 2 o 

Acid solution 

Reducing Agents 

hno 2 + h 2 o 

N0 3 - + H+ 


I~ 

h 


h 2 o 2 

0 2 + h+ 


h 2 c 2 o 4 

C0 2 + H+ 


h 2 s 

S +H+ 


h 2 so 3 + h 2 o 

S0 4 “ + H+ 


S 2 0 3 “ 

S 4 0 6 “ 

When oxidized by I 2 

Sn++ - 

Sn++++ 


Metals 

Metal ion 


Fe ++ 

Fe+++ 


H 3 As0 3 (As 2 0 3 )+IT 2 0 

H 3 As0 4 + H+ 



The first step in balancing an equation is to write down the starting 
materials and the reaction products. The student is expected to know 
these, just as he knows the valences of the common elements. A brief 
list of the more common oxidizing and reducing agents is given in Ta- 
ble 24, which should be memorized if not already known. 

We may take as example the oxidation of oxalic acid by potassium 
permanganate in acid solution. As in previous sections, only the essen- 
tial ions are shown in the equation, and ions which are present but do 
not participate in the reaction are omitted. The starting materials and 
reaction products are 

Mn0 4 “ + H + + H 2 C 2 0 4 = C0 2 + H 2 0 + Mn++ 
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Next we indicate the electron changes. Obviously the Mn and C atoms 
are the ones involved. To compute the electron changes, we first com- 
pute the valence number (oxidation state) or average valence of each 
atom before and after reaction. In this computation the H atom is 
assigned a valence number of +1 and the 0 atom a number of -2 (ex- 
cept in peroxides, where O has a valence of — 1). In the Mn0 4 ion 
there are 4 X 2 negative valences. Since the over-all charge is —1, the 
Mn atom must have a valence number of + 7. After reaction, the charge 
of the Mn atom is +2. Therefore the Mn0 4 ~ ion must take up 5 elec- 
trons. This is indicated in the equation by an upward arrow. 

In H 2 C 2 0 4 the average valence of the C atom is +3 since the mol- 
ecule contains 4X2 negative valences for the oxygen atoms and 
2X1 positive valences for the hydrogen atoms. Hence the two carbon 
atoms contribute +G charges, or +3 for each one. After reaction the 
valence of carbon in C0 2 is +4. Each carbon atom gives up 1 electron, 
or the molecule gives 2 electrons. This is indicated by a downward 
arrow in the unbalanced equation, which now becomes 

+7 +3 +4 +2 

Mn0 4 - + H+ + H 2 C 2 0 4 = C0 2 + II 2 0 + Mn++ 

T I 

5e 2e 

Next the electrons are balanced. It requires 2 Mn0 4 — and 5 H 2 0 2 0 4 
molecules for this, giving a total of 10 electrons used and 10 electrons 
furnished. The partial equation now reads 

2Mn0 4 " + H+ + 5H 2 C 2 0 4 = C0 2 + H 2 0 + Mn ++ 

We now proceed to balance the other atoms in the usual manner. 
The 2 Mn0 4 ~ ions yield 2 Mn ++ ions, and the 5 H 2 C 2 0 4 molecules 
yield 10 C0 2 molecules. 

2Mn0 4 - + H+ + 5H 2 C 2 0 4 = 10CO 2 + H 2 0 -f 2Mn ++ 

To complete, we balance the oxygen atoms and finally the hydrogen 
atoms. On the left there are 28 oxygen atoms, and on the right only 
20. The remaining 8 oxygen atoms appear as water. This requires 
16 hydrogen atoms. On the left there are 10, in the 5 molecules of 
H 2 C 2 0 2 . An additional 6H + is needed. Writing in these numbers 
gives the completed equation: 

2Mn0 4 ~ + 6H + + 5H 2 C 2 0 4 = 10CO 2 + 8H 2 0 + 2Mn ++ 

As the last step we check the accuracy of the work by summing up 
tbe electric charges on each side. On the left there are 2 negative and 
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6 positive or a sum of +4 charges. On the right there are 2 X +2 or 
+4 charges, which balances. 

For comparison we may write the same equation in the molecular 
form, including all atoms which are present in the solution. If potas- 
sium permanganate, sulfuric acid, and oxalic acid had been used, the 
equation is 

2KMn0 4 + 3H 2 S0 4 + 5H 2 C 2 0 4 

— 10CO 2 -f~ 8H 2 0 -I - 2MnS0 4 -|- K 2 S0 4 
or 

2KMn0 4 + 5Na 2 C 2 0 4 + 8H 2 S0 4 

= 10CO 2 + 8H 2 0 + 2MnS0 4 + K 2 S0 4 + 5Na 2 S0 4 

if sodium oxalate had been used instead of oxalic acid. Comparison of 
these with the ionic form previously given shows the greater simplicity 
of the ionic form. 

As another illustration, we may write the equation for the reaction 
of nitric acid with copper to yield NO. 

+ 5 +2 
11+ + N0 3 - + Cu° = Cu ++ + NO + H 2 0 

T I 

3e 2e 

Balancing electrons gives 

H + + 2N0 3 “ + 3Cu = 3Cu ++ + 2NO + H 2 0 

Now balancing the II and 0 atoms gives 

8H+ + 2NO-T + 3Cu = 3Cu++ + 2NO + 4H 2 0 

The same equation in the molecular form is 

8HN0 3 + 3Cu = 3Cu(N0 3 ) 2 + 2NO + 4H 2 0 

The equation for oxidation of H 2 0 2 by permanganate in acid solution 
is sometimes confusing. Here the valence number of the oxygen is 
minus 1, and the reaction product is 0 2 , with valence number of zero. 
Therefore each molecule of H 2 0 2 loses 2 electrons. The balanced equa- 
tion is 

2Mn0 4 — + 6H+ + 5H 2 0 2 = 2Mn++ + 50 2 + 8H 2 0 

T 4 

5e 2e 
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It should be emphasized that the valence number represents only the 
average valence; it may or may not be the actual valence. Thus in 
Fe 3 0 4 the valence number of Fe is 2-f. In S 4 0 6 == the valence number 
of S is 2^. 

Typical Calculations 

Problem. Concentration of Solutions. What weight of pure potassium di- 
chromate is needed for the preparation of 500 ml 0.1000 N solution? 

Solution: When potassium dichromate is used as an oxidizing agent, the change of 
valence is 6 units per molecule, or 6 electrons are gained per molecule. The equiva- 
lent weight is, therefore, 

K 2 Cr 2 0 7 294.22 n4 

— = 49.04 g 

6 6 

The milliequivalent weight is 49.04 mg. In 500 ml 0.1000 N solution the total 
number of milliequivalents is 


500 X 0.1000 = 50.00 m e 

Since the weight of 1 m e is 49.04 mg, the total weight in milligrams is given by the 
product, 

50.00 X 49.04 = 2452 mg or 2.452 g 

Problem. Standardization of Solution. A solution of permanganate is 
standardized by comparison with sodium oxalate. From the following data calculate 
the normality of the permanganate. 

Volume of permanganate = 40.41 ml 
Weight sodium oxalate = 0.2538 g 
Purity of oxalate = 99.60% 

Solution: The reaction proceeds according to the equation given above. Although 
the standard is weighed as sodium oxalate, it reacts like an equivalent weight of 
oxalic acid, since, when it is put into acid solution, oxalic acid is formed. 

Weight pure sodium oxalate = 0.2538 X 0.996 = 0.2528 g 

— 252.8 mg 

Weight of 1 m e sodium oxalate = 134.0/2 = 67.0 

Milliequivalents of sodium oxalate = 252.8/67.0 = 3.773 

Normality of permanganate = milliequivalents per milliliter — 3.773/40.41 

= 0.0934 

Problem. Analysis of Sample. A sample which contains iron is dissolved, all 
the iron is reduced to the ferrous condition, and the resulting solution is titrated with 
standard permanganate solution. From the following data calculate the percentage 
of iron, as ferric oxide, in the sample. 

Weight of sample = 1.097 g 

Volume of permanganate solution == 37.63 ml 
Normality of permanganate solution = 0.1050 
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Solution : The equation for the reaction is 

Mn0 4 “ + 8H+ + 5Fe ++ = Mn ++ + 4H 2 0 + 5Fe +++ 

Milhequivalents iron = milliequivalents permanganate = 37.63 X 0.1050 = 3.951 

Each atom of iron changes valence by one unit in titration; there are two atoms 
per molecule. Therefore, the milliequivalent weight of ferric oxide is given by the 
equation: 

F e 2 03 

Milliequivalent weight of ferric oxide = — - — = 79.84 mg 

2t 

Weight ferric oxide = 3.951 X 79.84 mg = 315.4 mg = 0.3154 g 
0 3154 

Percentage ferric oxide = X 100 = 28.75% 

This type of problem is often confusing, when encountered for the first 
time. Although iron as ferric oxide cannot be titrated by an oxidizing 
agent, since the iron is already in an oxidized condition, we have ex- 
pressed the equivalent weight in terms of ferric oxide. An alternative 
method of solving would be to compute the weight of iron titrated by 
the given volume of permanganate solution, and from the weight of iron 
to compute the weight of ferric oxide. Such a solution is unnecessarily 
long. Since each atom of iron present in the form of ferric oxide gives 
an atom of ferrous ion when the sample is prepared for analysis, it is 
obvious that a mole of ferric oxide will give two equivalents of ferrous 
ion. Therefore the most direct method for the solution of the problem 
is to compute the weight of ferric oxide from the number of milliequiv- 
alents, as was done previously. 

Problem. Indirect Oxidation Titration. A solution of permanganate is 
0.1000 N; 40.00 ml of this solution is added to an acidified solution which contains 
excess potassium iodide. The iodine liberated is titrated by 35.00 ml sodium thio- 
sulfate solution. What is the normality of the latter? 

Solution : The reactions involved are: 

2Mn0 4 “ + 16H+ + 101“ = 2Mn++ + 5I 2 + 8H 2 0 
I 2 -|- 2S 2 0 3 “ = S 4 Oe“ + 21“ 

milliequivalents KMn0 4 — 40.00 X 0.1000 = 4.000 

= milliequivalents I 2 liberated 
= milliequivalents Na 2 S 2 03 

Therefore, milliequivalents Na 2 S 2 0 3 = milliequivalents KMn0 4 

= 4.000 

N of Na 2 S 2 0 3 - 4.000/35.00 = 0.1143 

Problem. Oxidation Equivalence vs. Acidimetric Equivalence. A solution 
of potassium acid oxalate, KHC 2 0 4 , is found to be 0.1200 N when standardized by 
titration with sodium hydroxide, phenolphthalein being the indicator. If 42.15 ml of 
this solution require 38.26 ml potassium permanganate solution for titration, what 
is the normality of the permanganate? 
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Solution: In the acidimetric reaction, the equivalent weight of KHC2O4 is the 
molecular weight, since there is only one hydrogen atom per molecule. As a reducing 
agent, the equivalent weight of KHC2O4 is one-half the molecular weight, since the 
change in valence number is two electrons per molecule. Accordingly, the normality 
as a reducing agent is twice the normality as an acid. 

42.15 

Normality of the KMn 04 = 0.1200 X 2 X — rr = 0.2644 

38 26 


QUESTIONS 

1. Define the following terms: oxidation, reduction, reducing agent, oxidizing 
agent, valence, valence number. 

2. List examples of atoms for which the valence number is not the actual valence 
of an atom. 

3. Complete and balance the following: 

Mn0 4 ~ 4* H 2 0 2 + H+ = 

Cr 2 0 7 - 4 H 2 S 4 H+ = 

Ce ++++ + H 2 C 2 O 4 = 

Br0 3 “ + 1~ 4 H+ = 

MnOr 4 H 2 SO 3 - 
CIOs” + Sn++ + = 

I0 3 - 4- HN0 2 = 

Ag 4- N0 3 “ 4 H+ « 

Br0 3 - 4- H 3 As0 3 = 

Cr 2 0 7 ~ 4 Fe ++ 4 H+ = 

S 2 0 3 “ 4 I 2 = 

H 2 0 2 4- Sn+ + 4 H + = 

Mn0 4 ~ 4 HN0 2 4H+ = 

CriOr 4 1“ 4 H + = 

I 2 + H 2 S = 

VO 3 - 4 Fe 4 '^ 4 H + = VO ++ 4 


4. When is a reversible reaction said to be quantitative? 

5. Why is nitric acid not a suitable oxidizing agent for volumetric determinations? 

6 . Give an example of an oxidation-reduction determination using each of the 
types of indicators discussed in this chapter. 

7. Tell how ferric ion may be quantitatively reduced by iodide ion although the 
reaction is not suitable for direct titration of iodide ion by ferric ion. Explain. 


PROBLEMS 

1 . Arrange in tabular form (a) the molecular weight, ( 6 ) the equivalent weight, 
and (c) the milligrams per milliliter of 0.1250 N solution for the following substances: 
KMnOi (used in acid solution), K 2 Cr 2 07 , Na 2 S 2 0 3 5H 2 0, H 2 SO 3 , S0 2 , HN0 2 (as a 
reducing agent), Ce(S 04 ) 2 > Na 2 C 2 04 . 

2 . What is the equivalent weight of each of the following metallic oxides? The 
reactions by which the determinations are made are given in parentheses in unbal- 
anced form. 
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As 2 0 3 (H 2 As 0 3 - + I 2 + H 2 0 = H 2 As0 4 ~ + I" + H+) 

Fo 3 0 4 (Fe++ + Ce++++ = Fe ++ + + Ce +++ ) 

Cu 2 0 (Cu++ + 1“ = Cul + I 2 ) 

V 2 0 8 (VO++ + Mn0 4 - + H 2 0 = V0 3 “ + Mn++ + H+) 

Mo 2 0 3 (Mo+++ + M»0 4 - + H 2 0 = Mo0 4 " + Mn++ + H+) 

3. (a) How many milligrams of K 2 Cr 2 07 are present in 400.0 ml of 0.1037 N 
solution? What is the molarity of the solution? 

(b) How many grams of Na 2 S 2 03 - 5 H 2 0 need to be dissolved in 650 ml to prepare 
a 0.200 N solution? 

4. How much of substance B will react with the stated amount of substance A? 


A 

(а) 50.00 ml of 0.1200 N H 2 S 

(б) 25.00 ml of 0.0400 M KMn0 4 

(c) 30.00 ml 0.01000 M H 2 S 

(d) 55.85 mg Fe 

(e) 25.00 ml of 0.1000 N I 2 

(f) 35.00 ml of 0.1200 N KMn0 4 

(g) 3.000 m mol KHC 2 0 4 

(h) 0.2000 g CaC 2 0 4 


B 

ml of 0.01200 M K 2 Cr 2 07 

mg Fe 30 4 

ml 0.05000 N KMn0 4 

ml 0.02000 N Ce++ ++ 

mg As 2 C >3 

g h 2 o 2 

ml 0.2000 N KOH 

ml 0.1000 N KMn0 4 

ml 0.1500 N KMn0 4 


5. What is the Fe 2 03 titer of 0.1125 N Ce(HS 04) 4 solution? 

6. How many milliliters of a solution of 25.00 g of KMn0 4 per liter will react with 
3.400 g of FeS0 4 -7H 2 0? 

7. What is the iron titer of a solution made by dissolving 5.017g K 2 Cr 2 C >7 in 1.750 1.? 

8. How many grams of As 2 C >3 must be dissolved in concentrated NaOH to produce 

500.0 ml of a solution which is 0.05000 N in NaAs0 2 ? 

9. From the following data compute the normalities and molarities of the per- 
manganate and ferrous solutions: 

Weight of Na 2 C 2 0 4 0.2000 g 

Volume of KMn0 4 42.00 ml 

Volume of FeS0 4 5.00 ml 

30.00 ml KMn0 4 - 35.00 ml FeS0 4 

10. What is the percentage of iron in an ore sample which weighs 0.5250 g and 
which requires 40.00 ml of 0.1193 N ceric sulfate solution for titration? 

11. How many milliliters of 0.0973 A K 2 Cr 2 07 solution are needed to titrate a 
0.3563-g sample of an iron ore which is 78.33 per cent Fe 2 03 ? 

12. How many milliliters of 0.1000 M KMn0 4 are equivalent in oxidizing power 
to 50.00 ml of 0.1200 M K 2 Cr 2 0y solution? Both reagents are to be used in acid 
solution. 

13. 40.00 ml of 0.1000 N KMn0 4 is equivalent to 35.00 ml of KHC 2 0 4 solution; 
how many milliliters of 0.1000 N KOH are needed to titrate 50.00 ml of the KHC 2 0 4 
solution? 

14. 20.00 ml of KHC 2 0 4 • H 2 C 2 0 4 solution reacts with 30.00 ml of 0.2000 N NaOH 
solution. How many milliliters of 0.1000 N ceric sulfate solution will react with 

40.00 ml of the oxalate solution? 
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15. What is the molarity of a KM 11 O 4 solution if 25.00 ml of it react with 50.00 
ml of a 0.1250 M KHC 2 O 4 solution? 

16. From the following calculate the normality of the permanganate and thiosul- 
fate solutions: 

25.00 ml of HC1 = 0.5465 g AgCl 
24.36 ml HC1 = 27.22 ml NaOH 
24.62 ml NaOH = 30.17 ml KHC 2 0 4 
41.54 ml KHC2O4 = 37.82 ml KMn0 4 

40.00 ml of the KMn 04 is added to 100 ml of a molar KI solution, and the 
liberated I 2 requires 35.17 ml of Na 2 S 2 03 

Additional problems on redox stoichiometry are at the ends of Chapters 12 , 18 , 
and 14 . 



CHAPTER 



Oxidation— reduction II. 
Potassium Permanganate 


Potassium permanganate has for over a hundred years been the most 
widely used oxidizing agent in analytical chemistry. Today it is to 
some extent replaced by other agents, but it is still one of the most 
important reagents. Several reasons have led to this widespread use 
of permanganate. It is readily available and low in cost. Used in acid 
solution, it has a high oxidation potential, about 1.5 volts, and will 
quantitatively oxidize most reducing agents when added in stoichio- 
metric amounts. It requires no indicator, since the Mn(> 4 ~~ ion is so 
highly colored that it acts as its own indicator. Prior to the recent de- 
velopment of oxidation indicators, the color was perhaps the chief 
reason for use of permanganate in preference to other strong oxidizing 
agents such as chlorates, bromates, and dichromates — until fairly re- 
cently there were no satisfactory indicators for these other agents, and 
it was necessary to use spot-test end points. 

Permanganate has some disadvantages. Solutions must be prepared 
free of reducing agents, or else a precipitate of Mn0 2 will be formed in 
the solution. If this occurs, the precipitated Mn0 2 acts as a catalyst 
for autodecomposition of the solution, and the strength will vary with 
time. Acid solutions of permanganate are not stable; the analytical 
reagent is a neutral solution which can be kept without decomposition 
if properly prepared. Light appears to facilitate decomposition, and 
solutions for permanent use should be stored in dark bottles. In many 
of the reactions with reducing agents, care must be taken to avoid side 
reactions. 

Because of these disadvantages, there has been recently, since the 
discovery of good redox indicators, a trend towards the use of other 
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oxidizing agents in applications where permanganate was formerly 
employed. Chief among the newer reagents is ceric sulfate which is 
more stable than permanganate and less likely to have side reactions. 

Permanganate is used in acid, neutral, or basic solutions. In acid 
media, the reaction is a reduction to Mn ++ . In neutral or basic solu- 
tions, reduction proceeds only to the tetravalent state because Mn 02 
precipitates. In presence of barium ion in neutral solutions, reduction 
is only to a hexavalent state, at which BaMn0 4 precipitates. This re- 
action has been used for the determination of cyanides, alcohols, alde- 
hydes, glycol, and sugars, whose quantitative oxidation in acid solution 
is difficult. 1 

PREPARATION AND STANDARDIZATION OF SOLUTIONS 

Permanganate solutions are ordinarily used at a concentration of 
about 0.1 N (0.02 M), but solutions as dilute as 0.01 N are employed 
on occasion. When the very dilute solutions are used, it is advisable to 
employ an indicator such as orthophenanthroline since the permanganate 
color no longer provides a sensitive end point. 

Procedure, Preparation of 0.1 IV Permanganate Solution. 
Weigh on a watch glass approximately 3.2 g (note 1) reagent-grade 
potassium permanganate crystals. Dissolve in 1 1. of distilled water, 
and heat in a covered beaker for 2 hours (note 2) on a steam bath. 
Allow the covered beaker to stand overnight in the desk, filter (note 3) 
through an asbestos mat (notes 4, 5), and store in a clean glass-stoppered 
bottle. Keep in the dark except when in use. Subsequent decomposi- 
tion of the solution can be recognized by the appearance of a brown 
coating on the walls and bottom of the bottle. 

Notes. 1. The equivalent weight is 158.03/5, or 31.61 g. 

2. Distilled water contains organic matter which will reduce permanganate. The 
solution is heated in order to hasten the oxidation of this material and to coagulate 
the precipitate of manganese dioxide which forms as a reduction product. In neutral 
solution the reaction is 

Mn0 4 “ + reducing agent = MnC >2 + oxidation product 

3. All particles of manganese dioxide should be removed since these particles 
catalyze further decomposition of the solution. 

4. Filter paper should not be used, since particles of the paper suspended in the 
solution would lead to further reduction. 

5. Prepare the asbestos mat in a Gooch crucible according to directions on page 
73. Reject the first 50-ml portion of filtrate. 

1 R. E. Oesper, Newer Methods of Volumetric Analysis , D. Van Nostrand, 1938. 
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Standards 

The most readily available standards for permanganate are sodium 
oxalate, arsenious oxide, iron wire, and oxalic acid. Both sodium oxa- 
late and arsenious oxide are sold and recommended by the Bureau of 
Standards. Arsenious oxide is particularly advantageous, because it 
also serves as primary standard for iodine solutions. Iron wire prepared 
for use as a primary standard is excellent, but ordinary iron should not 
be used since it contains an unknown amount of carbon in the form of 
carbides, which will react with permanganate. Oxalic acid crystals are 
not recommended because they contain water of hydration and tend to 
decompose on drying. Oxalic acid solutions previously standardized by 
acidimetric methods are a convenient and reliable standard; their use 
permits an interrelation of the oxidation and acidimetric solutions of a 
laboratory. 

Standardization 

Arsenious Oxide. Analyzed grade AS2O3 with an assay value of 
99.97 per cent is commercially available. The authors recommend this 
primary standard because the titrations are easy to perform and high 
precision and accuracy are obtained. 2 Student results with it have been 
considerably better than those with sodium oxalate standardization. 

The weighed sample of arsenious oxide is dissolved in sodium hydrox- 
ide solution. This solution is acidified with hydrochloric acid, and the 
acid solution of arsenious acid is titrated with permanganate. Per- 
manganate oxidizes arsenious acid slowly if no catalyst is used, but 
addition of a trace of iodide or iodate ion causes the reaction to proceed 
rapidly, and each drop of permanganate is quickly decolorized. This 
type of catalysis is frequently encountered in oxidation reactions. Ap- 
parently the electron transfer between permanganate ion and arsenious 
acid does not occur readily, and the iodide acts as a carrier. Possibly 
the mechanism is that permanganate oxidizes iodide ion to iodine which 
then reacts rapidly with arsenious acid and is reduced to iodide ion, 
which in turn is reoxidized by permanganate. The titration of arsenious 
acid can be made in the presence of moderate amounts of HC1 without 
oxidation of chloride ion. The reactions are: 

AS2O3 4~ 20H -f~ H2O = 2H2ASO3 
H 2 As 0 3 ~ + H + = Ii 3 As0 3 

2Mn0 4 - + 5H 3 As0 3 + 6H+ = 2Mn++ + 5H 3 As0 4 + 3H 2 0 

2 H. A. Bright, Ind . Eng. Chem. Anal Ed. f 9, 577 (1937). 
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Procedure. Dissolve 20 g reagent-grade NaOH pellets in 80 ml 
water, and cool to room temperature. Weigh out to the closest 0.1 mg 
three 0.2-g portions (note 1) of dried arsenious oxide of known purity 
into 250-ml wide-mouth Erlenmeyer flasks. Add 10 ml of the cooled 
sodium hydroxide solution, and allow to stand 8-10 minutes with occa- 
sional swirling, or until the sample is all dissolved. Dilute to 100 ml, 
and add 10 ml concentrated hydrochloric acid and 1 drop 0.002 M 
potassium iodide or iodate solution (note 2). Titrate with permanga- 
nate solution until a faint pink color persists for 30 seconds or more 
(note 3). Run a blank determination (note 4). From the net volume 
of permanganate, corrected for buret calibrations and the blank, and 
from the weight and purity of the standard, compute the normality of 
the permanganate. The average deviation should not exceed x^no . 

Notes. 1 . The equivalent weight is AS 2 O 3/4 or 49.45 g. 

2 . Prepare the solution by dissolving about 0.3 g potassium iodide or iodate in 
1 1. distilled water. The exact amount of catalyst used is not important provided 
care is taken not to add enough to react with a detectable volume of the permanga- 
nate. It is immaterial whether iodide or iodate is used. If iodate is used, it is 
immediately reduced to iodide by the arsenious acid. 

3. A more sensitive end point can be obtained by use of ferrous orthophenanthroline 
indicator, but for ordinary work this is not necessary. One drop of 0.025 M indicator 
solution should be used. It is added when it appears that the end point is near, as 
shown by the slowness with which each drop of permanganate is decolorized. The 
indicator gives a color change from pink to a very faint blue. 

4. A blank is necessary to insure that the NaOH is free of reducing agents. Carry 
out the determination just as in the standardization except that no AS 2 O 3 is present. 
The first drop of permanganate should impart a detectable color. 

Errors. Guard against the usual volumetric errors (page 94). In- 
sufficient acidity will cause error, but, if instructions are followed, the 
solution should contain excess acid at a concentration of about 0.5 N . 

Iron Wire. An analyzed grade wire, labeled “for standardization,” 
should be used. 

Procedure. Obtain a spool of analyzed wire from the instructor. It 
should be bright and free of rust. Weigh out to the closest 0.1 mg 
three portions of about 0.2 g (note 1), and place in small beakers (note 2). 
Add 10 ml concentrated HC1 and 10 ml water, and heat on the steam 
bath until all the iron is dissolved. A slight residue of carbon may be 
disregarded. 

Follow the procedure on page 221, beginning at the star and continu- 
ing to the double star. 

From the volume of permanganate, corrected for the blank and for 
buret calibrations, and from the weight and purity of the iron, compute 
the normality of the permanganate. The average deviation should not 
exceed roVo- 
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Notes . 1. Since the valence change of iron is one, from +2 to +3, the equivalent 

weight is 55.85 g. 

2. The sample is originally placed in a beaker instead of the final titration flask, 
because it should be evaporated to small volume prior to reduction with stannous 
chloride. Evaporations cannot be done efficiently from Erlenmeyer flasks. 

Errors . Aside from purity of standard and the usual volumetric 
errors, the errors of this method are those of the Zimmermann-Rein- 
hardt procedure. Read the discussion on page 220. 

Sodium Oxalate. For many years sodium oxalate was the almost 
universally used primary standard for permanganate solutions. It is 
readily available in high purity, is stable on drying, and is non-hygro- 
scopic. It has, however, the disadvantage that titration must be made 
at elevated temperature and that, unless precautions are taken, side 
reactions may occur. Student results with sodium oxalate show con- 
siderably greater deviations than when arsenious oxide is used. 

The over-all reaction of permanganate with sodium oxalate in acid 
solution is given by the equations: 

2Na + + C 2 Or + 2H+ = H 2 C 2 0 4 + 2Na + 

2Mn0 4 “ + 5H 2 C 2 0 4 + 6H+ = 2Mn ++ + 10CO 2 + 8H 2 0 

The mechanism of the reaction is complicated and not at all like what 
the equations would indicate. 3 The reaction is catalyzed by manganous 
salts; the first portions of permanganate added react slowly, but, after 
some manganous ion is formed, succeeding portions of permanganate 
are decolorized almost instantaneously. If manganous ion is added 
prior to the titration, the reaction is rapid from the start. The reac- 
tion is slow at room temperature, and it is necessary to carry out the 
last portions of the titration, at least, at elevated temperatures so that 
the reaction is sufficiently fast to enable the analyst to determine when 
the end point is reached. 

In the McBride procedure, 3 which has been standard for many years, 
the acidified solution is heated to near 80° and is titrated slowly by per- 
manganate until a permanent faint pink tinge is obtained. In 1935 
Fowler and Bright 3 showed that this method leads to a small error 
which can be avoided by adding the bulk of the permanganate rapidly 
to the cold solution of the sample and allowing it to decolorize slowly 
without stirring, then completing the titration at elevated temperature. 
The Fowler-Bright procedure was given in the previous edition of this 
text, but experience has shown that in student hands it often causes 

8 1. M. Kolthoff and V. A. Stenger, Volumetric Analysis , Vol. II, Interscience, 1946. 
R. S. McBride, J. Am. Chem. Soc ., 34 , 393 (1912). R. M. Fowler and H. A. Bright, 
J. Research Bur. Standards , 15 , 493 (1935). H. F. Launer and D. M. Yost, J. Am. 
Chem. Soc., 66, 2571 (1934). 



218 Oxidation-reduction II. PotassiumTermanganate 12 

more difficulties than the less exact McBride procedure which gives 
sufficiently good results. 

Procedure. Weigh out to the closest 0.1 mg three 0.25-g samples 
(note 1) of dry Na 2 C 2 0 4 , and transfer to wide-mouth 250-ml Erlen- 
meyer flasks. Prepare approximately 1.5 N sulfuric acid solution by 
pouring 15 ml concentrated H 2 S0 4 into 300 ml water. Dissolve the 
sodium oxalate sample in 75 ml of the 1.5 TV sulfuric acid solution. 

*Heat the solution (note 2) to 80-90°C, and titrate slowly with 
permanganate, with constant swirling. The end point is a faint per- 
manent pink color. The temperature should not fall below 60° during 
the titration. Obtain a blank by heating 75 ml 1 TV sulfuric acid to 80° 
and titrating with permanganate. From the corrected volume of per- 
manganate and the weight and purity of the standard, compute the 
normality of the permanganate. The average deviation should not 
exceed 1-2/1000. 

Notes. 1. The equivalent weight is 134.01/2 or 67.00 g. 

2. Place a thermometer in the flask for accurate measurement of the temperature. 
Remove and rinse off the thermometer with a small stream of water before the 
titration. Recheck the temperature just before the end point is reached, and if 
necessary reheat. 

Errors. In addition to the usual volumetric errors there is danger of 
error due to insufficient acidity of the solution. If the permanganate 
is added rapidly, the hydrogen ions may be exhausted locally. When 
this happens, a brown color is obtained resulting from precipitation of 
colloidal manganese dioxide. A determination should be discarded if 
this occurs. Care must be taken to keep the temperature above 60°. 

DETERMINATIONS BY PERMANGANATE 

The high oxidation potential of permanganate in acid solutions makes 
it a suitable reagent for the quantitative titration of many ions of lower 
potential. A partial list of the more widely used permanganate analyses 
follows: 

Fe ++ = Fe +++ 

H 3 Sb0 3 = H 3 Sb0 4 
H 3 As0 3 = H 3 As0 4 
Sn + + = Sn ++4 ' + 

Ti+++ _ xi +4 ” h+ 

Mo +++ = Mo0 3 
U++++ = (U0 2 ) ++ 

H 2 S0 3 - S0 4 “ + 2H+ 
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VO++ = V0 3 ~ 

H 2 S = S + 2H+ 

II 2 0 2 = h 2 o + o 2 
h 2 c 2 o 4 = II 2 0 + co 2 

HN0 2 = N0 3 - + 2H+ 

All of these are made in acid solutions. Hydrochloric and sulfuric acids 
are the ones usually employed. 

In the determination of metals which can exist as ions of different 
valence states, it is necessary t o reduce to the lo wer valence state prior 
to the titration by permanganate. The reduction must be~camed out 
in such a manner that any excess of reducing agent is removed from the 
solution. A number of methods may be used for the reduction. Among 
them are : 

1. Reduction by metals, such as zinc, cadmium, aluminum, or silver. 
The metal may be used in the form of a spiral coil, which is immersed 
in the sample solution until reduction is complete, or it may be in the 
form of granules packed in a column through which the sample solution 
is passed. The Jones rcduetor, described later, is an example. 

2. Reduction by stannous chloride, followed by removal of excess 
stannous ion by reaction with mercuric chloride : 

Sn ++ + 2IIgCl 2 = Sn ++ ++ + Hg 2 Cl 2 + 2C1~ 

The mercurous chloride formed in this reaction is insoluble and is pot 
reoxidized during the titration, since it is present as solid. This method 
is used chiefly for reduction of ferric ion to ferrous ion, as in the Zim- 
mermann-Reinhardt procedure. 

3. Reduction by gases, such as S0 2 and H 2 S. The excess of reducing 
gas is removed from the solution by boiling. In general, this method is 
not widely used because reaction proceeds slowly, and it is difficult to 
determine when reduction is complete. 

To illustrate the applications of permanganimetric methods, proce- 
dures are given for the types of sample most often used as student 
exercises. The principles therein illustrated are applicable to many 
other determinations. 


IRON 

Titration of ferrous ion by permanganate is the most widely used 
method for analysis of iron ores or ferrous alloys for the percentage of 
iron present. The reaction is 

Mn0 4 “ + 8H+ + 5Fe ++ = Mn++ + 4H 2 0 + 5Fe +++ 
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The titration may be made in either sulfuric or hydrochloric acid solu- 
tions. When the latter is used, it is necessary to employ preventive 
solution to prevent oxidation of chloride ion. 

Prior to the titration any ferric ion present must be quantitatively 
reduced to the ferrous condition by one of the methods previously 
listed. When the sample is in sulfuric acid solution, the Jones reductor 
method is convenient, but in hydrochloric acid solution the stannous 
chloride method is used. This is the more common method commer- 
cially because the sample is most often dissolved in hydrochloric 
acid. 

Iron ores of commercial importance contain high percentages of iron 
oxides along with silicates and oxides of many other metals such as 
titanium, manganese, vanadium, and chromium. Organic matter may 
also be present. When reduction is done by stannous chloride, only 
organic matter and vanadium cause interference. Organic matter can 
be removed by ignition prior to solution of the sample, and vanadium 
interference can be avoided by using potassium diehromate instead of 
permanganate for the oxidation (dichromate has a smaller oxidation 
potential than permanganate and will not oxidize the vanadyl ion, 
VO ++ ). Student samples will not in general contain interfering sub- 
stances. If such are present, the instructor will advise of modifications 
to be employed. If commercial samples are to be analyzed, standard 
reference books should be consulted regarding possible interfering sub- 
stances and methods for avoiding this interference. 

Analysis of Soluble Samples by Zimmermann-Reinhardt Proc- 
ess. The procedure illustrated in these exercises is very widely used 
commercially for iron analyses, particularly for ores. The basis for the 
method is reduction of iron by stannous chloride and the use of preven- 
tive solution to inhibit oxidation of chloride ion by permanganate. 
Ordinarily, in solutions of about 1 N HC1, permanganate will not oxi- 
dize chloride ion when present in the small excess required to give an 
end point. However, in presence of ferric ion, there is an appreciable 
oxidation of chloride ion before the stoichiometric point for the iron 
titration is reached. Consequently too much permanganate may be 
consumed in the titration, and the analysis may give high results. Fur- 
ther, the reaction with chloride ion is slow, and the apparent end point 
may “fade” so that it is difficult to say when it is reached. Preventive 
solution and use of proper technique avoids these effects and permits 
accurate titrations. This solution contains manganous ion, which in- 
hibits oxidation of chloride ion, and phosphoric acid, which forms a 
complex ion with ferric ion. This complex formation serves a dual 
purpose; the potential required for complete oxidation of ferrous ion is 
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Analysis of Soluble Iron Samples 

lowered by removal of the product, ferric ion, and the end point is made 
sharper by removal of the yellow color of ferric ion (the complex ferric 
phosphate ion is nearly colorless). 

The student sample may be either an analyzed soluble iron salt or a 
solution made by dissolving a known weight of iron wire in hydro- 
chloric acid. The instructor will designate which procedure to follow. 

Procedure. Solution of Iron Sample. Obtain the sample in a 
250-ml volumetric flask which has been calibrated relative to the 50-ml 
pipet. The sample is an accurately weighed portion of iron wire (1-2 g) 
dissolved in 30-50 ml concentrated HC1. If the sample has not dis- 
solved completely, remove the stopper from the flask, and place it on 
the steam bath until solution is complete (disregard a small residue of 
carbon particles which may be present). Cool to room temperature, 
and dilute to volume with distilled water. Mix thoroughly by repeated 
inversion and shaking. 

After properly rinsing the pipet, withdraw four 50-ml aliquot portions 
by a calibrated pipet, and deliver into small beakers (note 1). Use 
three samples for the analysis, and keep the fourth as reserve in case of 
accident. 

* Place the beaker on the steam bath, and evaporate to a volume of 
about 10 ml (note 2). The solution will by now, because of air oxida- 
tion, probably show the pronounced yellow color of ferric ion, which is 
intensified in hydrochloric acid solution because of formation of a 
chloride complex. If there is not a pronounced color, partially oxidize 
the iron by adding a small crystal of permanganate and leaving the 
beaker on the steam bath for a few minutes longer (note 3). 

Reduce ferric ion to the ferrous condition by adding stannous chloride 
solution (note 4) dropwise from a pipet to the hot iron solution until the 
color of the solution changes from yellow to light green (almost colorless). 
With care a sharp color change can be observed. Add 2 drops stannous 
chloride solution in excess after the color change is observed. Cool the 
solution to room temperature, and pour in rapidly 20 ml mercuric chlo- 
ride solution (notes 5, 6). Allow to stand 5 minutes (note 7), then wash 
the contents of the beaker quantitatively into a 500-ml Erlenmeyer flask, 
and add water to bring the volume to about 300 ml. Add 20-25 ml pre- 
ventive solution (note 8), and titrate immediately with permanganate. 
Run the solution in slowly, with constant swirling. The end point is a 
faint pink color which pervades the entire solution when it is thoroughly 
mixed. 

Determine a blank by adding 2 drops stannous chloride solution to 
10 ml 1:1 hydrochloric acid in a 500-ml Erlenmeyer flask and proceed- 
ing with addition of mercuric chloride, water, and preventive solution, 
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just as in the iron determination. Add permanganate drop by drop 
until an end point is reached.** 

Subtract the volume of permanganate used for the blank from the 
titration volume (corrected for buret calibration). From the net vol- 
ume of permanganate and the normality, compute the millicquivalents 
and the weight of iron in each aliquot portion and the total weight in 
the sample. Report the total weight of iron received, showing the value 
based on each titration and the average value. Duplicate results should 
agree within 2-3/1000. 

Notes. 1. Since the sample is to be concentrated by evaporation, it is placed in a 
beaker. Evaporation from an Erlenmeyer flask is very slow. 

2. Estimate the volume by comparison with 10 ml water in a similar beaker. 
Reduction by stannous chloride must be carried out in a relatively concentrated 
solution in order that the point at which reaction is complete can be determined by 
the change in color. 

3. It is easier to recognize the point at which reduction is complete if the solution 
is distinctly yellow at the start. 

4. If the reagent is not provided, prepare the necessary amount by dissolving 
3 g stannous chloride in 10 ml concentrated HC1 and diluting to 20 ml with water. 
The solution should be reasonably fresh; on long standing it is oxidized by air to 
SnCl 4 . 

5. A saturated solution of HgCb in water. 

6. If the reagent is not added all at once, there may be a local excess of stannous 
ion which will cause reduction of HgCh to mercury rather than to Hg 2 Cl 2 . 

7. The precipitate should be small in amount and of a pure white color. A grayish 
precipitate indicates reduction to mercury. This reacts slowly with permanganate 
and will not give true titration values. If no precipitate appears, it is indication that 
not enough stannous chloride has been added. If a small white precipitate is not 
obtained, the sample is spoiled and should be discarded. 

8. If the preventive solution is not provided, prepare as follows: Dissolve 20 g 
MnS 04 - 4 H 20 in 100 ml water, and add a cooled mixture of 40 ml sulfuric acid, 120 
ml water, and 40 ml sirupy phosphoric acid. 

Errors. In addition to the usual volumetric errors, the following may 
cause trouble in this determination: 

1. Incomplete reduction of ferric ion. 

2. Use of too much excess stannous chloride. 

3. Inability to recognize the end point. Some practice is required 
before one is certain of this end point. Even with preventive solution 
there is some fading of color, and it requires skill to titrate at just the 
right speed and stop just at the end point. 

Procedure. Soluble Salt. Obtain the sample in a stoppered weigh- 
ing bottle. Do not dry unless the instructor so directs (note 1). Weigh 
out three portions of proper size to furnish about 0.2 g iron (note 2), 
place in small beakers, and add 10 ml HC1 and 10 ml water. Follow the 
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procedure of page 221, beginning with the star and going to the double 
star. 

From the net volume of permanganate used and its normality, com- 
pute the grams of iron and the percentage of iron in the sample. Ex- 
press the results as percentage of both Fe and of Fe 203 . 

Notes. 1. The sample may be a hydrated salt which decomposes on drying. If 
so the analysis is reported on an “as-received’ ’ basis. Keep the sample in a stoppered 
bottle to prevent loss of water. 

2. Depending on the type of sample used, the percentage of iron may vary widely. 
The instructor will give the approximate percentage, as a basis for selection of the 
proper size of sample. 

Errors. See discussion on page 222. 


Iron Ore 

The most difficult part of an ore analysis is bringing the sample into 
solution. In general the samples used for student unknowns are decom- 
posed by hydrochloric acid, but some naturally occurring samples dis- 
solve with great difficulty. 

The sample is treated with concentrated hydrochloric acid, with or 
without a little stannous chloride, and heated in a covered beaker or 
flask on the steam bath. When decomposition is complete, there will 
be a colorless residue of silica. If HC1 treatment does not dissolve all 
but the silica, the sample is treated with a mixture of nitric and hydro- 
chloric acids and then evaporated to dryness to destroy nitrates. Should 
the mixed acid treatment not effect complete solution, it is necessary to 
filter out the silica, fuse it with sodium carbonate, and then treat with 
hydrochloric acid. The fusion converts the insoluble silicate into sodium 
silicate and permits the iron to be brought into solution. Student sam- 
ples will not require this treatment unless specific instructions are given 
to do so. 

Procedure. Obtain the sample in a weighing bottle. Grind (note 1) 
about 2 g in an agate mortar. Effective grinding is obtained only by 
use of small portions, each of which is ground until no gritty particles 
can be felt in the powder. Following this grinding the entire 2-g sample 
is ground together for a short time to insure thorough mixing. Dry the 
ground sample at 110°, and store in a weighing bottle. 

Weigh out accurately three samples of 0.3 to 0.6 g (note 2), and 
transfer to small beakers. Add 10-15 ml HC1, cover the beaker with a 
watch glass, and place on the steam bath until the sample is disinte- 
grated, as shown by a white residue. This will usually require 30-60 
minutes. When disintegration is complete, rinse off the watch-glass 
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cover with a little water, and permit the solution to evaporate to a vol- 
ume of about 10 ml on the steam bath. Follow the procedure of page 221, 
beginning with the star and proceeding to the double star. 

From the net volume of permanganate and its normality, compute 
the weight of iron and its percentage in each sample. 

Notes. 1. Grinding may be omitted when it is known that the samples can be 
decomposed without further grinding. Consult instructor. 

2. The amount of iron in ores usually lies in the range 30 to 60 per cent. The 
instructor will specify what size of sample to use. 

Errors. Read the discussion of page 222. Additional errors in the 
mineral analyses are: 

1. Incomplete decomposition of the sample. 

2. Presence of other reducing agents besides iron in the sample. 

^Jones Reductor Method 

Despite the fact that it is not widely used in commercial iron analyses, 
the Jones reductor method is often given as a student exercise because 
it illustrates the methods and techniques employed in any reduction by 
metals. Such procedures are of value in many special analyses. 

The sample may be either a solution containing a known weight of 
iron dissolved in dilute sulfuric acid or a soluble salt. After preparation 
of the solution, the procedure is the same in either case. 

For samples which are soluble in dilute sulfuric acid, the J ones reduc- 
tor method has one great advantage over the Zimmermann-Reinhardt 
process, namely, the absence of chloride ion and the side reactions 
caused by chloride ion. 

Procedure. Analysis of Iron Solution by Jones Reductor 
Method. Arrange a reductor (note 1) as shown in Fig. 22. If it is 
not charged, when obtained from the store room, prepare for use as fol- 
lows: Place a perforated porcelain disk or a plug of glass wool in the 
bottom of the empty tube, and make a tight filter by pouring a suspen- 
sion of acid-washed asbestos fiber through the tube until a retentive 
filter mat is formed, as in the preparation of a Gooch crucible. See 
page 73. The mat should be porous enough to permit water to flow 
through at a rate of 75-100 ml per minute without the use of suction. 
Amalgamate (note 2) a quantity of 10-20 mesh analyzed-grade zinc by 
stirring it for 5-10 minutes in a solution of 0.1 M mercuric chloride in 
1 M hydrochloric acid; wash the zinc thoroughly by decantation, and 
pack it into the reductor column. The zinc column should be about 
1.5-2 cm in diameter and 35-50 cm in length. Wash the column several 
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times with water, applying gentle suction, and then wash with 1 N sul- 
furic acid (note 3), taking care that the liquid level never falls below 
the top of the zinc column (note 4). Continue the washing until a 
250-ml portion of acid will not require more than 2 drops of perman- 
ganate solution to ijnpart a distinct 
pink tinge. The reductor is now ready 
for use. 

If the reductor is already filled with 
zinc when obtained, it is only neces- 
sary to rinse with acid until a satisfac- 
tory blank is obtained, before proceeding 
with the reduction of the samples for 
analysis. Obtain the blank by passing 
a 250-ml portion of 1 N sulfuric acid 
through the column of zinc at a rate of 
50-75 ml per minute. Pour the acid in 
at the top at such a rate that the liquid 
level stands just above the zinc surface, 
but take care never to allow the level 
to fall below the surface so that air can 
come into contact with the zinc. After 
the 250-ml portion of acid has run 
through, rinse with 100 ml water. Add 
the water in several portions, letting 
the level fall to a point just above the 
zinc surface for each portion. Remove 
the filter flask, and add permanganate 
from a buret until a barely perceptible 
pink color is imparted to the solution. 

If the volume of permanganate needed 
is greater than 2 drops, repeat the blank 
until a satisfactory value is obtained. Fig. 22. Jones Reductor. 
Proceed immediately with the reduction 

of the analysis samples, after a satisfactory blank is obtained. 

Obtain a sample of iron in a 250-ml calibrated flask. The sample is 
a weighed portion of iron wire to which 50 ml 2 AT sulfuric acid has been 
added. Heat the flask on a steam bath until all the iron has dissolved, 
cool, dilute to the mark, and mix well. From a calibrated pipet, measure 
four 50-ml portions of the iron solution into 250-ml beakers. Add 5 ml 
concentrated sulfuric acid to each, and dilute to approximately 100 ml. 

Pour the sample solution through the reductor, at a rate of about 50 
ml per minute. Use suction, and control the rate of flow by the stop- 
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cock at the bottom of the reductor. Guide the solution into the funnel 
with a stirring rod held against the lip of the beaker. Allow sample to 
run through until the liquid level is just above the zinc surface, then 
close the stopcock, add about 50 ml 1 iV sulfuric acid to the beaker, pour 
this into the reductor, and allow the acid to run through until the level 
is just above the zinc surface. In this manner use four 50-ml wash por- 
tions. Finally, rinse with 100 ml distilled water (note 5). Remove the 
suction flask, and titrate the solution immediately, in the suction flask. 
Permanganate may be added rapidly until the end point is approached, 
but final addition should be made dropwise so that the end point is not 
over-run. Subtract from the total volume of permanganate the volume 
used in the blank (note G). Compute the weight of iron received. Du- 
plicate aliquot portions should agree within 1-2 parts per 1000. 

Notes. 1. Zinc, cadmium, or aluminum may be used as reducing agents, either 
in the form of a column or as a spiral which may be introduced into the solution and 
withdrawn after reduction. Use of the column is recommended because of the cer- 
tainty of complete reduction. The reaction is 

Zn + 2Fe +++ - Zn ++ -f 2Fe ++ 

2. Amalgamated zinc does not react so rapidly with 1 N sulfuric acid as the pure 
metal, but it will reduce ferric ion rapidly and quantitatively. The inhibiting effect 
of amalgamation is probably due to the high overvoltage of hydrogen on a mercury 
surface. Zinc displaces mercuric ion according to the reaction, 

Zn + Hg++ = Zn++ + Hg 

The liberated mercury amalgamates the zinc surface. 

3. A large quantity of 1 N sulfuric acid should be prepared. Slowly stir 30 ml con- 
centrated sulfuric acid into a liter of water, and set aside to cool. 

4. It is very important to exclude air from a prepared reductor, since hydrogen 
peroxide is formed by the reaction of oxygen and the liberated hydrogen. Hydrogen 
peroxide reduces permanganate according to the equation, 

5H 2 0 2 + 2Mn0 4 ~ + 6H+ = 2Mn ++ + 8H 2 0 + 50 2 
thereby leading to high results. 

5. An acid solution should not be left in the reductor because it will dissolve the 
zinc. 

6. A blank is necessary because of reducing constituents, particularly iron, that 
may be present in the zinc. It is important that the quantity of solution and the rate 
of flow for the blank be the same as those employed in analyses. If a satisfactory 
blank is not obtained, impure zinc is indicated, and the reductor must be refilled with 
zinc of a good grade. 

Errors. In addition to the usual volumetric errors this determination 
is subject to several specific ones: 

1. Incomplete reduction, because of too rapid passage of solution over 
the zinc, or use of too short a column of zinc. 
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2. Reoxidation of iron by air. This is not appreciable if the titration 
is made immediately after reduction. 

3. Hydrogen peroxide, formed by air in the reductor. 

4. The presence of interfering substances such as titanium, vanadium, 
chromium, molybdenum, uranium, arsenic, nitrates, and certain nitrog- 
enous compounds. Of the metals which are likely to occur in iron ores — 
titanium, vanadium, and chromium — only vanadium will interfere in 
the stannous chloride reduction, whereas all interfere in reduction by 
zinc. Nitrates are reduced by zinc to hydroxylamine which reacts with 
permanganate. If nitrates are present, the solution of the sample should 
be evaporated until fumes of sulfur trioxide are evolved, then cooled, 
diluted, and passed through the reductor. Organic compounds are 
oxidized by this procedure. 

5. Loss of sample, by incomplete washing from the reductor. 

6. Air in the reductor. j 

OTHER DETERMINATIONS 

The following procedures, which are based on analyzed samples 
available for student use, illustrate various applications of permangani- 
metric analysis. 

Oxalates 

Oxalates can be dissolved in dilute sulfuric acid and the oxalic acid 
determined by titration with permanganate as described previously in 
sodium oxalate standardization. 

Procedure. Soluble Oxalate. Obtain the sample in a stoppered 
weighing bottle, and dry at 110°. Weigh out* three portions of about 
1 g and transfer to 250-ml Erlenmeyer flasks. Add 75 ml 1.5 N sulfuric 
acid, and titrate according to the procedure of page 218, beginning with 
the star. Report the percentage of Na 2 C 204 in the sample. 

Read the notes and discussion of page 218. 

Calcium. In gravimetric analyses calcium is normally precipitated 
as the oxalate CaC 2 0 4 -H 2 0. The precipitate may be ignited to the 
oxide for weighing, or it may be washed free of soluble oxalates and dis- 
solved in sulfuric acid, and the amount of calcium determined by means 
of the permanganimetric titration of the oxalate. The volumetric 
method compares favorably with the gravimetric one in speed and 
accuracy. 

In computation of the weight of CaO which corresponds to the milli- 
equivalents of permanganate used, the equivalent weight of CaO is one- 



228 Oxidation-reduction II. Potassium Permanganate 12 

half the molecular weight. Each CaO yields one molecule of H2C2O4, 
which undergoes a 2-electron valence change. 

A procedure for this method is given on page 430, in connection with 
the determination of calcium in limestone. 


Arsenic and Antimony 

Both arsenic and antimony may be determined by permanganate 
titration, as in standardization by arsenious oxide. 

Other oxidizing agents which can be used for the determination of 
arsenic and antimony are bromate and iodine. Directions for the use 
of iodine are given in the following chapter. 

Procedure. Soluble Arsenic. Dry the sample and weigh out three 
0.5- to 2-g portions as directed by the instructor. Dissolve the sample 
in NaOH, and determine according to the procedure of page 216. 

Report the percentage of AS2O3 in the sample. 

Antimony Ore. Antimony trisulfide ore, stibnite, provides an ex- 
cellent student exercise in the use of permanganate oxidimetry. The 
ore should be free of other reducing constituents than antimony; sam- 
ples suitable for use in iodometric determinations (see page 246) are 
also suitable for use in the permanganimetric method. 

The finely ground ore is treated with concentrated sulfuric acid and 
heated until sulfur and hydrogen sulfide are completely removed. A 
little potassium sulfate is sometimes added, to facilitate the decomposi- 
tion. Antimony usually is not oxidized by the hot acid treatment, but 
is brought into solution in the trivalent form. After the sample is com- 
pletely dissolved, the solution is diluted, hydrochloric acid is added, and 
the antimony is determined by titration with standard permanganate 
solution at a temperature not above 10°C. 

If it is doubtful that all the antimony is in the trivalent condition at 
the start of the titration, the solution should be saturated with sulfur 
dioxide while in a 1 : 1 sulfuric acid medium, and the excess sulfur dioxide 
expelled by boiling before hydrochloric acid is added. This precaution 
is not generally necessary in student analyses unless the sulfuric acid 
treatment for solution of the sample has been unduly prolonged. 

If an ore of unknown content, which might contain arsenic and other 
reducing constituents, is to be analyzed, it is necessary to make pre- 
liminary separations before the antimony determination can be carried 
out. Reference books in mineral analysis should be consulted if this is 
necessary. 

Procedure. Weigh out three 0.7- to 2-g samples of the dried ore 
(note 1), and transfer to 150-ml beakers. Add 15 ml concentrated 
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H2SO4 and a small crystal of potassium sulfate. Place the beaker on a 
wire gauze, and boil the liquid over an open flame, taking care to avoid 
spattering {Hood). When the solution becomes clear (note 2), cool, and 
cautiously add 20 ml water. Boil until fumes of sulfur trioxide are 
evolved. Cool, cautiously add 50 ml water, and then quantitatively 
transfer the solution from the beaker to a 500-ml Erlenmeyer flask. 
Add 20 ml hydrochloric acid, and dilute to a total volume about 200 ml. 
Cool in ice water to a temperature below 10°. Titrate while cold with 
standard permanganate solution. Report the percentage of antimony 
in the ore. The equivalent weight is half the atomic weight. 

Notes. 1. The usual samples run from 10 to 30 per cent Sb. The instructor will 
state what size sample to employ. 

2. If the ore is not well disintegrated in the acid treatment, it should be more 
finely ground before the samples are taken. Usually no further grinding is necessary 
for student samples. 


Determination of Oxidizing Agents 

In addition to its use for the analysis of substances that are reducing 
agents, a standard solution of permanganate can also be used as the 
reagent for analysis of some oxidizing materials, by the employment of 
an indirect method. A weighed portion of sample is treated with an 
excess known amount of a reducing agent, and the excess remaining 
after reaction is determined by titration with permanganate. Although 
this procedure may at first sight seem roundabout and involved, it is 
often preferable to direct titration of the oxidizing agent with a stand- 
ard reducing agent. This is true because of (1) the difficulty in pre- 
serving standard solutions of strong reducing agents, and (2) the fact 
that the materials which are determined by this procedure are in solid 
form and cannot be directly titrated since reaction does not occur in- 
stantaneously. In the indirect method time is allowed for complete 
reaction of the sample with the reducing agent; then the titration of the 
excess reducing agent is a normal oxidimetric procedure. 

The chief applications of this method are in the analysis of higher 
oxides of lead or manganese dioxide. Several reducing agents can be 
used, including ferrous sulfate, oxalic acid, and arsenious oxide. The 
last is preferred since it is not oxidized by air as is ferrous sulfate and 
since the permanganate titration of it is simpler than that of oxalic acid. 

Determination of Available Oxygen in Manganese Ore. The 
oxidizing power of a manganese ore which contains Mn0 2 (pyrolusite) 
can be determined by the indirect method previously outlined. The 
result of the analysis is expressed as the percentage of available oxygen 
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in the sample. This is computed by multiplying the milliequivalents of 
oxidizing agent in the sample by the milliequivalent weight of oxygen, 
8.00 mg. 

Procedure, Prepare an approximately 0.1 N solution of arsenious 
acid by dissolving 5 g AS2O3 in 5 g NaOH dissolved in 15 ml water. 
When the AS2O3 has dissolved, dilute to 50 ml, neutralize with 6 N HC1 
to the methyl orange end point, and dilute to 1 1. 

Weigh out three 0.25- to 1-g samples (note 1) of the finely ground ore 
and transfer to 1-1. Erlenmeyer flasks. Pipet into each flask exactly 
50 ml of the arsenious acid solution. Add 10 ml concentrated H 2 S0 4 , 
and boil gently (note 2) until the sample is decomposed, as shown by 
absence of colored particles in the siliceous residue. Cool the solution, 
wash down the sides of the flask with a little water (note 3), and add 
100 ml water, 5 ml hydrochloric acid, and a drop of 0.002 M potassium 
iodide solution (note 4). Titrate with permanganate as in the procedure 
of page 216. 

Determine the permanganate value of the arsenious acid solution by 
measuring out three 50-ml portions, adding the same reagents as pre- 
viously, and titrating with permanganate. The difference in the vol- 
ume of permanganate required for the solutions without sample and 
those with sample represents the milliequivalents of oxidizing agent in 
the sample. From this value compute the percentage of available 
oxygen in the sample. 

Notes . 1. The percentage of available oxygen may range from 2 to 10. The 

instructor will specify the size of sample to use. 

2. Arsenic trichloride is volatile and may be lost during the heating if much 
chloride ion is present. Use of the large flask minimizes the possibility of loss, since 
the walls act as a condenser. A cold trap, consisting of a test tube through which 
tap water is passed, may be suspended in the neck of the flask for further precaution 
against loss, if desired. The tube has a two-hole stopper with glass inlet tube extend- 
ing to the bottom and outlet tube reaching only through the stopper. If the cold 
trap is used, remove it and rinse off after the sample is decomposed. 

3. If the residue is large in amount, it is advisable to filter before the titration. 
Use a Gooch crucible with suction. 

4. Prepare according to note 2, page 216. 

Procedure. Soluble Chromate. Prepare a solution of 40 g ferrous 
ammonium sulfate in 950 ml water and add 50 ml concentrated H2SO4. 
Obtain the sample in a stoppered weighing bottle. Dry and weigh out 
three 0.5-1-g portions (note 1). Transfer to 250-ml Erlenmeyer flasks, 
and add from a pipet exactly 50 ml of the ferrous solution. Add about 
4 ml H2SO4, and swirl until the sample is dissolved. Titrate immediately 
(note 2) with standard permanganate (note 3). 

Determine the permanganate value of the ferrous solution by measur- 
ing out three 50-ml portions and carrying through the procedure above, 
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but without sample added. The difference in the permanganate values 
with and without sample represents the oxidizing equivalents in the 
sample. Report the percentage of Cr in the sample. The equivalent 
weight is 52.01/3, or 17.34 g, since chromium undergoes a valence 
change of three in this reaction. 

Notes. 1. Consult instructor as to size of sample. 

2. If the sample is allowed to stand atmospheric oxidation of ferrous ion may occur. 

3. A better end point is obtained by use of orthophenanthroline indicator, since 
the green color of chromic ion obscures the permanganate end point somewhat. 


QUESTIONS 

I. Write the ionic equations for the titration reaction with Mn(> 4 “ in acid solution 
for each of the following: 

H 3 Sb0 3 , Ti+++, HN0 2 , H 2 S. 

*2. Which of the following could be determined by titration with KMn 04 without 
treatment of the unknown before titration? 

Fe ++ , Sn, Cl“, H 2 C 2 04 , S 2 03 = . 

3. Why must acid be present during permanganiinetric titrations? What concen- 
tration of acid is usually employed? 

4. Discuss the suitability of the various standards for permanganate. 

5. A solution of KMn0 4 is standardized with Na 2 C 2 0 4 . Predict the effect on the 
determined normality if : 

(a) The temperature falls below 50 °C during the titration. 

(5) H 2 0 2 , an intermediate product, escapes during the course of the titration. 

6. What would be the effect on the normality of KMn0 4 if in the standardization 
with As 2 0 3 the KI or KI0 3 were not added? 

7. Why is reduction of iron by stannous chloride carried out in hot solutions. 
Why is mercuric chloride not added while the solution is hot? Why is the solution 
diluted and cooled before titration? What error is introduced if too much stannous 
chloride is used? How is this condition recognized? 

8. Explain the purpose of each of the components of preventive solution. 

9. Draw a diagram of the Jones reductor, and explain its operation. 

10. List the advantages and disadvantages of several different methods for reduc- 
ing iron to the ferrous condition before titration with permanganate. 

II. Predict the effects on the result of an analysis of an iron sample by the Zimmer- 
mann-Reinhardt procedure of each of the following: 

(a) Failure to add mercuric chloride. 

(5) Titration of a sample in which a gray precipitate formed after the addition 

of mercuric chloride. 

(c) Carrying out the reduction with stannous chloride at room temperature. 

(d) Failure to add preventive solution. 

12. Predict the effect of the result of the analysis of an iron-ore sample by the use 
of a Jones reductor of each of the following: 

(a) Passing the solution through the reductor too rapidly. 

(5) Admitting air to the reductor. 

(c) The presence of vanadium in the ore. 
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13. Which of the following constituents, if present in large amounts, will interfere 
in permanganimetric determinations of iron: silica, aluminum, magnesium, man- 
ganese, calcium, alkalies, chromium, sulfur, titanium, vanadium? 

14. How may both the ferrous iron and the total iron be determined in the analysis 
of a sample of magnetite, Fes0 4 ? 


PROBLEMS 

1. Tabulate the titer of 0.1275 N KMn 04 in terms of: Fe, FeO, Fe 2 0 3 , Fe 3 04 , 
H 2 S, H 2 0 2 , Na 2 C 2 0 4 , S0 2 , Sb 2 0 3 , HN0 2 , Sn, U0 2 S0 4 , V 2 0 6 . 

2. Find the normalities of the following solutions of KMn0 4 : 

(a) 31.38 ml KMn0 4 is equivalent to 0.1947 g AS 2 O 3 . 

(b) 41.47 ml KMn0 4 is equivalent to 0.2500 g Fe. 

(c) 35.62 ml KMn0 4 is equivalent to a 1/5 aliquot of 1 .5000 g Na 2 C 2 0 4 dissolved 

in 250.0 ml. 

3. What is the normality of a 0.300 molar KMn0 4 solution under each of the 
following circumstances: 

(a) It is used as an oxidizing agent in strongly acid solution. 

(b) It is used as an oxidizing agent in basic solution. 

(c) It is used as an oxidizing agent in a reaction whereby it is converted to 

Mn0 4 “. 

4. How many milligrams of H 2 C 2 (V2H 2 0 are required to decolorize 50.00 ml of 
0.0400 M KMn0 4 ? 

5. How many milliliters of 0.1000 N NaOH are needed to neutralize 35.00 ml of 
KHC 2 O 4 solution if 35.00 ml of the oxalate solution are equivalent to 40.00 ml of 
0.1000 N KMn0 4 ? 

6. How many milliliters of 0.1500 N KMn0 4 are needed to titrate 1.5968 g Fe 2 03 ? 

7. How many milligrams of As 2 03 will react with the amount of KMn0 4 required 
in Problem 6? 

8. How many grams per liter of potassium permanganate should be used to pre- 
pare a solution equivalent to a potassium di chromate solution containing 4.2060 g 
per liter? 

9. 0.2030 g 99.0 per cent pure Na 2 C 2 0 4 was titrated beyond the end point by 
34.60 ml KMn0 4 solution. 4.50 ml FeS0 4 solution was added for back titration, 
and 0.40 ml of KMn0 4 was used to establish the end point. Find the normalities 
and molarities of both solutions if 1.000 ml KMn0 4 is equivalent to 0.900 ml FeS0 4 . 

10. If the iron in a 0.1500-g sample of ore is reduced and subsequently requires 
15.03 ml 0.1000 N KMn0 4 for titration, what is the purity of the ore expressed as 
percentage of: Fe, FeO, Fe 2 0 3 ? 

11. What is the percentage purity of a sample of sodium oxalate if a 0.2203-g 
sample requires 29.30 ml of KMn0 4 of which 1.000 ml is equivalent to 0.006023 g Fe? 

12. Calculate the percentage of iron in a sample from the following data: 

Weight of sample: 0.5862 g. 

Volume of 0.1105 N permanganate: 32.43 ml. 

Volume of 0.0942 V ferrous sulfate used for back titration: 3.42 ml. 

13. The precipitated CaC 2 0 4 from a 0.4207-g sample of limestone was dissolved 
in H2SO4 and required 43.08 ml of 0.0958 N KMn0 4 for titration. Find the per- 
centages of calcium as CaO and CaC0 3 . 

14. Calcium in blood is often determined by precipitating it as the oxalate, dis- 
solving the precipitate in sulfuric acid and titrating with standard permanganate. 
Find the milligrams of calcium per 100 ml blood from the following: 
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5.00 ml blood is diluted to 50.00 ml; 10.00 ml of this solution requires 1.15 ml 
of 0.0100 N KMn0 4 . 

15. A student unknown is a mixture of NaAs0 2 and NaCl. What is the percentage 
of NaCl in a sample if 0.3500 g of sample require 40.13 ml of 0.1105 N KMn0 4 ? 
What is the percentage of AS2O3 in the sample? 

16. What volume of 0.1155 A FeS0 4 solution should be added to a 0.5000-g sample 
of K 2 Cr 2 07 so that at least 10 ml of 0.0956 N KMn0 4 will be used for back titration? 

17. By what number should the iron titer of a KMn0 4 solution be multiplied to 
give the antimony titer of the same solution? 

18. If the purity factor in the illustrative problem on standardization of solution 
on page 208 had been neglected, by how many parts per thousand would the apparent 
normality differ from the true normality? 

19. What size sample of Na2C20 4 should be taken for standardization of 0.01 N 
KMn0 4 ? Should individual samples of standard be used? 

20. Suggest a range of sample weights for an iron ore which is approximately 
60 per cent Fe2(>3 and is to be analyzed with 0.2000 N KMn0 4 . 

21. If 10.00 ml of commercial hydrogen peroxide, density 1.010, requires 36.82 
ml 0.1200 A permanganate for titration, calculate the percentage by weight of 
H2O2 in the solution. 

22. A sample of pyrolusite which weighs 0.4000 g is treated with 50.00 ml 0.2000 N 
H2C2O4; 10.55 ml 0.1152 N KMn0 4 is required for back titration. What is the per- 
centage purity of the ore? 

23. Find the percentage of available oxygen in a pyrolusite sample from the follow- 
ing data: 

Normality of KMn0 4 0.0953 

50.00 ml NaAs0 2 solution = 45.50 ml KMn0 4 solution 

A sample of 0.5000 g is treated with 50.00 ml NaAs0 2 and requires 15.00 ml 
KM11O4 for back titration. 

24. Molybdenum in the -f 6 oxidation state is reduced to the +3 state in a Jones 
reductor. In this state it is caught in a ferric solution, and an amount of Fe ++ is 
liberated which is equivalent to the molybdenum which is reoxidized to the +6 
state. What volume of 0.1126 N KMn0 4 is needed to titrate the Fe ++ liberated by 
0.2000 g 99.9 per cent pure Na2Mo0 4 ? How many milligrams of Fe +++ were con- 
sumed by the molybdenum? 

25. 1.500 g pure Pb 3 0 4 is treated with 50.00 ml 0.1056 N H2C2O4 solution. How 
many milliliters of KMn0 4 whose AS2O3 titer is 5.000 mg are needed for back titra- 
tion? 

Pb 3 0 4 + H 2 C 2 0 4 + 3S0 4 = + 6H+ = 3PbS0 4 + 2C0 2 + 4H 2 0 

26. In the Volhard method manganese is determined by titration with standard 
permanganate solution, according to the reaction, 

2Mn0 4 ~ + 3Mn ++ + 2H 2 0 - 5Mn0 2 + 4H + 

(In practice manganese dioxide is not precipitated, but a zinc salt is added to the 
solution, and a precipitate of basic zinc manganite is obtained. The manganese, 
however, is in the tetra valent state.) 

A 1.1246-g sample of manganese ore was dissolved and the solution diluted to 250 
ml; 50.00 ml of this solution required 45.15 ml of permanganate solution, 1.000 mi 
of which is equivalent to 8.423 mg sodium oxalate. Calculate the percentage of 
manganese in the sample. 
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Note that the permanganate solution is standardized in acid solution, against 
sodium oxalate, but in the Volhard process permanganate is used in basic solution, 
where it undergoes a valence-number change of three. 

27. A 0.2643-g sample of stibnite (Sb2Ss) is brought into solution, the sulfide re- 
moved, and the antimony, which is in the trivalent condition, is titrated to the 
penta valent condition by standard permanganate solution, 25.23 ml of 0.1042 N 
permanganate being used. Find the percentage of antimony in the ore. 

28. What should be the normality of a KMnCh solution so that the number of 
milliliters used in titration divided by two gives the percentage of iron in a 0.3000-g 
sample of ore? What volume of 0.1108 N KMn04 solution is required to produce 
exactly 1 1. of the above solution? 

29. What weight of sample should be taken for analysis so that each 1.000 ml of 
0.2000 N KMnCh solution represents 0.500 per cent H2O2 in the sample? 

30. What weight of material must be taken for analysis so that each 1.000 ml 
0.2000 N KMn04 represents 2.000 per cent FC3O4 in the sample? 



CHAPTER 



Oxidation— reduction III. Iodine 

Methods 


Iodine is a weak oxidizing agent, and iodide ion is a fairly strong reduc- 
ing agent since the potential for the reaction, 

2I~ = I 2 2e 

is —0.53 volt. This places iodide ion above ferrous ion, trivalent ar- 
senic, and antimony as a reducing agent. 

In the development of analytical chemistry several factors led to an 
early utilization of iodine methods. They are: (1) a sensitive indicator, 
starch, has long been known, and (2) a reagent, sodium thiosulfate, is 
available for quantitative titration of free iodine. Because of these 
conditions a large number of analytical methods has been developed 
about the iodine-iodide-ion equilibrium. 

There are two types of iodine methods, direct and indirect. In the 
first, known as the iodimetric method, iodine solutions are used for titra- 
tion of reducing agents which can be quantitatively oxidized at the 
stoichiometric point. The number of such reactions is limited because 
iodine is itself a weak oxidizing agent; further, most of these determina- 
tions can today be better done by some other method than by use of 
iodine. Thiosulfate alone, of the common reducing agents, must be 
determined by oxidation with iodine. It happens that the stronger 
oxidizing agents give side reactions with thiosulfate, whereas iodine 
oxidizes it quantitatively to tetrathionate ion, S 4 06 = . The oxidations 
which can well be done by iodine are represented in the following equa- 
tions: 

H 2 S + I 2 = 2H+ + S + 21- 
H2SO3 + I 2 + H 2 0 = sor + 21" + 4H+ 

H2ASO3 + I 2 + H 2 0 = H 2 As 0 4 “h 21 -[- 2H + 

235 
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H(Sb0)C 4 H 4 0 6 + I 2 + H 2 0 = H(Sb0 2 )C 4 H 4 0 6 + 21“ + 2H+ 
Sn++ + I 2 = Sn+ +++ + 21“ 

2S 2 0 3 _ + I 2 = S 4 0 6 ~ + 21 

In indirect or iodometric methods the oxidizing agent which is to be 
analyzed is treated with an excess of iodide ion under suitable conditions. 
Iodine is liberated quantitatively, and it is titrated by a standard solu- 
tion of sodium thiosulfate or arsenious acid. These methods can be 
used for the analysis of almost any strong oxidizing agent; consequently, 
there are many more applications than there are for iodimetric methods. 
The following equations indicate some that are widely used: 

2Mn0 4 “ + 16H + + 101“ - 2Mn++ + 5I 2 + 8H 2 0 
Cr 2 0 7 ~ + 61“ + 14H + = 2Cr +++ + 3I 2 + 7H 2 0 
Br0 3 “ + 6H+ + 61“ - Br“ + 3I 2 + 3H 2 0 
I0 3 - + 51“ + 6H + = 3I 2 + 3H 2 0 
C10 3 “ + 6H+ + 61“ = Cl“ + 3I 2 + 3H 2 0 
2HN0 2 + 21- + 2H + = 2NO + I 2 + 2H 2 0 
2Cu ++ + 41“ = 2CuI + I 2 
HOC1 + H + + 21“ = Cl“ -f H 2 0 + I 2 

INDICATORS 

In both iodimetric and iodometric methods the end point is based on 
the presence of free iodine. This can be detected by starch or by extrac- 
tion of iodine from water by an immiscible organic solvent. 

Starch. Starch does not dissolve as a true solution, but it is readily 
dispersed as a colloid. With iodine it gives a deep blue color which is 
formed on the surface of the colloid particles when iodine is adsorbed 
and is discharged when the iodine is reduced to iodide ion. The color 
change is reversible and may be approached from either direction. The 
presence of iodide ion is necessary for development of a good color. Any- 
thing that tends to coagulate the colloidal starch or to interfere with 
adsorption of iodine by the colloid will cause indicator interference. In 
general, heat, strong solutions of electrolytes, and organic materials such 
as alcohol are to be avoided. 

When dispersed in water, starch is very susceptible to bacterial action 
which causes its decomposition and makes the solution ineffective as an 
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Detection of End Point by Extraction 

indicator. A solution prepared without any preservative will in general 
not be good for more than 2 or 3 days. Addition of a preservative in- 
hibits this bacterial action, and it is possible to make preparations that 
can be stored for weeks or months. Recommended methods for preserv- 
ing are (1) addition of a little mercuric iodide, (2) use of 1 g boric acid 1 
per 100 ml and (3) use of 0.1 g furoic acid 2 per 100 ml. 

In the titration of iodine the starch should not be added until just 
prior to the end point, when the iodine color is beginning to fade. When 
the starch is added to a high concentration of iodine, there is a tendency 
to formation of a reddish color which is not readily discharged at the 
end point. When the titration is made with iodine, the starch may be 
added at any time, since iodine is not in excess until the end point is 
reached. 

Procedure. Preparation of Starch Indicator. Triturate 1-2 g 
soluble starch with cold water to make a thick paste. Slowly pour this 
paste into 100 ml boiling water in which 1 g boric acid crystals has been 
dissolved. Continue boiling for 1 minute, then cool, and store in a 
stoppered bottle. Discard the preparation when it becomes cloudy or 
when it begins to give a reddish color with iodine. 

Recently the authors have been provided with samples of A-Fraction 
from starch, through courtesy of the Corn Products Refining Company, 
and have tested this material as an iodine indicator. According to the 
recommendations of the Corn Products staff it has been dispersed in 
15 per cent KC1 solution. It gives a sharp color change with an intense 
blue, comparable to that obtained from the best samples of soluble 
starch, and keeps in the KC1 solution for a matter of weeks without 
coagulation or breakdown. We have used the same procedure for prep- 
aration as given in the last paragraph except that the paste is stirred 
into 15 per cent KC1 solution, and boric acid has not been used. 

Detection of End Point by Extraction. In certain titrations, 
where conditions are not suitable for the use of starch indicator, the end 
point may be determined by an extraction method. In this method a 
non-miscible organic liquid, such as carbon tetrachloride or carbon di- 
sulfide, is added to the titration solution. The heavier organic liquid 
forms a layer at the bottom; because of the greater solubility of iodine 
in the organic solvent, the concentration of the iodine is much greater 
in the organic than in the aqueous layer, and the color is more intense. 
The end point of the titration is marked by the disappearance of the 
iodine color in the bottom layer. After each addition of reagent, the 
solution is shaken up and then allowed to stand until the organic layer 

1 See Hillebrand and Lundell, Applied Inorganic Analysis, page 148. 

2 A. M. Platow, Chem. Analyst , June 1939. 
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has settled out. This method compares favorably in sensitivity with 
the starch-indicator method, but titrations made with an extraction 
end point require more time than those made with the starch indicator. 

CHEMICAL REACTIONS AND EQUILIBRIA OF IODINE METHODS 

Before studying specific determinations by iodine methods, one should 
understand the chemistry of the processes and the factors which affect 
the complex equilibria which are encountered in many reactions. 

Reactions of Thiosulfate. The reaction of thiosulfate ion with 
iodine in acid or neutral solutions is given^by the equation, 

2S 2 0 3 = + h = SA“ + 21“ 

This reaction is essentially complete at the stoichiometric point. In 
basic solutions the oxidation may proceed further, according to the 
equation, 

82 O 3 + 4 I 2 ~t" 5 H 2 O = 2 SO 4 + 81 -j- 10H+ 

This reaction is not quantitative, since the one above may also occur. 
Consequently, the titration of iodine by thiosulfate must always be 
made in acid or neutral solution. 

In strongly acid solutions thiosulfate decomposes according to the 
equation, 

S 2 0 3 = + 2H+ = H 2 S 2 0 3 = S + H 2 0 + S0 2 

It may be recalled that this reaction is the basis for a qualitative test 
for thiosulfate ion. 

The equivalent weight of thiosulfate is a mole or 248.21 g if the penta- 
hydrate is used. This hydrate is not suitable for preparation of standard 
solutions because of its water of crystallization, but the anhydrous salt 
has been suggested as a primary standard. 3 It is customary to make an 
approximate 0.1 N solution and to standardize by comparison with 
some primary standard. 

Iodine. Iodine is sparingly soluble in water but dissolves readily in 
potassium iodide solutions because of formation of the complex I 3 ~" ion 
by the reaction, 

I2 + I~ = I3 

A large excess of iodide ion is used to shift the equilibrium to the right. 
Even with high concentrations of iodide ion, the vapor pressure of 
iodine over the solution is appreciable, and care must be taken to pre- 
vent loss of iodine by vaporization. 

3 H. M. Tomlinson and F. G. Ciapetta, Ind. Eng. Chem Anal. Ed,., 13, 539 (1941) 
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Iodine reacts with water, just as do other halogens, according to the 
equation, 

I 2 + H 2 0 = H+ + I" + HIO 

Acids tend to shift the equilibrium to the left and bases to the right. 
Consequently, iodine titrations are never made in strongly basic solu- 
tions. 

Light accelerates the hydrolysis of iodine by causing decomposition 
of hypoiodous acid: 

2HIO = 2H+ + 21“ + 0 2 

Standard solutions of iodine should be preserved in dark bottles or kept 
inside the desk to protect them from direct sunlight. 

Iodide ion in acid solution may be oxidized by air: 

41- + 4H+ + 0 2 = 2I a + 2H 2 0 

Because of this it is necessary to guard against access of air in iodometric 
determinations where the oxidizing agent is treated with KI in strongly 
acid solutions. The presence of certain ions accelerates this atmospheric 
oxidation of iodide ion. For example, nitrites give the reaction, 

2HN0 2 + 21“ + 2II+ = 2NO + I 2 + 2H 2 0 

This is followed by oxidation of NO to N0 2 , which yields more HN0 2 
and causes further oxidation. Certain metal ions, such as cuprous, can 
also act as oxygen carriers to oxidize iodide ion. 

Arsenites. The potential of the couple, 

H 2 As0 3 - + H 2 0 = H 2 As 0 4 “ + 2H + + 2e 

is —0.56 volt, or about the same as that of iodine. Nevertheless, by 
proper choice of conditions the equilibrium can be so displaced that the 
reaction, 

I 2 + H 2 As0 3 - + H 2 0 = 21- + H 2 As0 4 - + 2H+ 

proceeds quantitatively to the right. This is effected by removal of 
hydrogen ion as it is formed, which is accomplished by reaction with 
bicarbonate ion. The titration is carried out in a buffered nearly neu- 
tral solution. Enough bicarbonate or other buffer ion must be present 
to keep the pH near 8. If the buffer is exhausted, the hydrogen-ion 
concentration rises, and the reaction does not go to completion. 

In the titration of trivalent antimony with iodine, there is a similar 
condition, and the solution must be buffered and nearly neutral. Basic 
antimony salts will precipitate in neutral solutions unless a substance is 
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added which will form a soluble complex ion with trivalent antimony. 
Tartrates may be used for this purpose. 

Standard solutions of sodium arsenite (arsenious acid) are often used 
instead of thiosulfate for titration of iodine. These have the advantage 
that they keep better than thiosulfate solutions and that a solution of 
known strength is prepared by dissolving a known weight of arsenious 
oxide and making up to definite volume. Arsenious oxide is dissolved 
in excess sodium hydroxide, 

As 2 0 3 + H 2 0 + 20H~ = 2H 2 As 0 3 ~ or 

As 2 0 3 + 20H~ = 2As0 2 ~ + H 2 0 

Excess hydroxide is neutralized with HC1 or H 2 SO 4 , since one cannot 
employ a basic solution for iodine titrations. 

Effect of pH. Since the hydrogen ion of the solution has such a 
variety of effects in determinations that involve the reactions of iodine, 
it is desirable to summarize in one place the various kinds of effects that 
may be encountered: 

1 . In iodometry it is often necessary to employ a high concentration 
of acid for the reaction of KI with the oxidizing constituent of the sam- 
ple. This is always the case for samples which contain oxygen salts, 
such as permanganates, chlorates, and chromates, since hydrogen ion is 
one of the reactants with such oxidizing agents. Subsequent titration 
of iodine with thiosulfate or arsenite cannot be carried out in solutions 
of such high acidity. Therefore, after reduction of the oxidizing con- 
stituent by iodide ion, it is customary to dilute the solution before 
making the iodine titration. 

2 . Standard iodine solutions must be neutral or acidic. Basic solu- 
tions are not stable. 

3. The reaction of thiosulfate with iodine must be carried out in 
neutral or acid solution, never in basic solution. 

4. The titration of trivalent arsenic or antimony with iodine must be 
done in buffered solutions of pH 5 to 9. 

5. Solutions of KI must be protected against atmospheric oxidation 
when in strongly acid media. 

PREPARATION AND STANDARDIZATION OF SOLUTIONS 

The solutions needed will depend on the samples to be analyzed. If 
only iodometric procedures are employed, a standard solution of sodium 
thiosulfate will suffice. If iodimetric analyses are required, it is neces- 
sary to have a standard solution of iodine. In the latter case it is also 
advisable to prepare a solution of sodium arsenite which serves both as 
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the primary standard for the iodine solution and as a reagent for back 
titration when this is needed. Iodine may be directly prepared of 
known strength, but this is not recommended since solutions do not 
keep well, and frequent restandardization is required. 

Potassium iodide is required in all iodine analysis methods. A good- 
quality analyzed-grade reagent should be used, and every lot should be 
tested to see that it is free of iodates. If iodates are present, they react 
with iodide ion when the solution is acidified, releasing iodine according 
to the equation: 

I0 3 " + SI" + 6H+ = 3I 2 + 3H 2 0 

Test for iodates as follows: Dissolve 0.5 g KI in 10 ml water, add 1 ml 
6 N sulfuric acid and 2 ml starch solution. Presence of iodates is shown 
by immediate appearance of a blue color. Disregard a blue color which 
forms slowly; this is due to air oxidation of KI. 

Procedure. Preparation of 0.1 N Iodine Solution. Weigh out 
12 g iodate-free potassium iodide crystals (note) on the trip scale, and 
dissolve in 10 ml water in a small beaker. Add 6.5 g resublimed iodine 
to the KI solution, and stir until it is all dissolved. Transfer the solu- 
tion to a glass-stoppered bottle, and dilute to approximately 500 ml. 

Note. Directions are for preparation of 500 ml solution, which is enough for 
standardization and for analysis of one unknown. If a larger volume of solution is 
required, use proportionally larger quantities of reagents. 

Procedure. Preparation of Standard Iodine Solution. It is 

necessary to purify iodine if it is used for direct preparation of a stand- 
ard solution. Weigh out 8-10 g resublimed iodine, and grind in a small 
mortar with 5 g potassium iodide and 2 g ignited lime (note 1). Trans- 
fer the ground mixture to a dry 600-rnl lipless beaker, and place on top 
of the beaker a large round-bottom flask filled with cold water, which 
serves as a condenser. Sublime the iodine by heating the beaker with 
a small flame, holding the burner in the hand, and moving the flame 
about constantly. When it appears that most of the iodine has been 
sublimed, stop the heating, remove the flask, and scrape the iodine 
crystals onto a dry watch glass. Keep in a stoppered weighing bottle. 

Dissolve 12 g iodate-free potassium iodide in 10 ml water in a glass- 
stoppered weighing bottle (note 2). When the KI has all dissolved and 
the solution is about at room temperature, weigh the bottle and solu- 
tion to the nearest milligram. Weigh out on the trip scale about 6.3 g 
of the resublimed iodine, and transfer to the bottle which holds the KI 
solution. Quickly restopper the bottle, and reweigh to the nearest 
milligram. The difference in weight gives the weight of iodine added. 
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When the iodine has all dissolved, quantitatively transfer the solution 
to a 500-ml volumetric flask, dilute to volume, and mix well. From the 
weight of iodine compute the exact normality. The equivalent weight 
is 12G.92 g. 

Notes. 1 . Iodine may be contaminated with other halogens and with water. 
Heating with KI causes other halogens to react by displacing iodine from KI. Water 
is removed by the lime. This should be freshly prepared before use by ignition in a 
crucible. 

2 . The iodine is weighed in potassium iodide solution to prevent loss by vaporiza- 
tion during subsequent transfer. The vapor pressure of I2 from a solution in KI is 
considerably less than from pure crystals of solid iodine. 

Procedure. Preparation of Standard Arsenious Oxide (Sodium 
Arsenite) Solution. Accurately weigh out a 4.5- to 5-g portion of dry 
analy zed-grade arsenious oxide, and transfer to a 400-ml beaker. Add 
5-10 g reagent-grade NaOH pellets and 10 ml water. Stir, adding a 
little water if necessary, until all the sodium hydroxide and arsenious 
oxide have dissolved. Dilute to 100 ml, and neutralize with 6 N HC1, 
using methyl orange or methyl red indicator. When the solution is dis- 
tinctly acid add about 5 g NaHCCV 

Transfer the solution quantitatively to a 1-1. volumetric flask, dilute 
to volume, and mix well. From the weight and purity of AS2O3 taken, 
compute the exact normality. The equivalent weight is As 2 0 3 /4 or 
49.45 g. 

Procedure. Preparation of Approximately 0.1 N Thiosulfate 
Solution. Clean a 1-1. glass-stoppered bottle with cleaning solution 
and rinse thoroughly. Boil 1 1. of distilled water, and while still hot 
transfer to the cleaned bottle. Stopper, and allow to cool. Add 25 g 
reagent-grade sodium thiosulfate crystals, Na 2 S 2 03*5H 2 0, and 2-3 g 
borax crystals (note). Stopper the bottle, and shake until all the solid 
is dissolved. 

Note. Na2S2C>3 solutions may decompose on standing as is evidenced by the 
appearance of milky colloidal sulfur. The precaution of using boiled water which is 
free of dissolved O2 and CO2 and of bacteria, as well as the addition of borax as 
preservative, leads to the preparation of a fairly stable solution. Other recommended 
preservatives are sodium carbonate and sodium furoate. 

Standardization of Thiosulfate by Iodine. If a standard solu- 
tion of iodine has been prepared by dissolving a weighed amount, as 
previously described, this may be used to standardize the thiosulfate 
solution. 

Procedure. Accurately measure out about 40 ml of the thiosulfate 
solution into a titration flask. Add 3-5 ml starch, and titrate with 
standard iodine solution. At the end point a drop of iodine imparts a 
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blue color that pervades the whole solution. If the end point is over- 
run, back-titrate with thiosulfate. From the normality and volume of 
iodine solution compute the normality of the thiosulfate. Obtain three 
results which have an average deviation not greater than y yyo . 

Standardization of Iodine and Thiosulfate by Arsenious Oxide. 
This is the recommended method because it gives high accuracy and 
illustrates both arsenite-iodine and iodine-thiosulfate titrations. 

Procedure. Determine by direct titration the relative strength of 
the iodine and thiosulfate solutions. 

Dry at 110°C about 2 g primary standard-grade arsenious oxide. 
Weigh accurately three samples of about 0.2 g each, and transfer to 
250-ml Erlenmeyer flasks. Add to each flask 10-15 ml 1 N NaOH 
(note 1), and warm to hasten solution of the arsenious oxide. Cool in 
tap water, add a drop of methyl orange or methyl red indicator, and 
neutralize with 1 N HC1 solution (note 2) until the solution is dis- 
tinctly acid. Add about 3 g solid NaHC0 3 , and swirl the solution until 
the bicarbonate is all dissolved (note 3). Dilute to 100 ml, add 3 ml 
starch indicator, and titrate with iodine solution to the appearance of a 
deep-blue color. If the end point is over-run, back-titrate with thiosul- 
fate solution that has been compared with the iodine. Run a blank 
(note 4). From the weight and purity of arsenious oxide and the net 
volume of iodine compute the normality. The equivalent weight of 
As 2 0 3 is 49.45 g. The average deviation for three determinations 
should not exceed y 0 2 0 0 -. 

From the comparison values for iodine and thiosulfate and the nor- 
mality of iodine, compute the normality of thiosulfate. 

Notes. 1. Prepare by dissolving 2 g reagent-grade pellets in 50 ml distilled water. 

2. Prepare by diluting 8 ml concentrated acid to 100 ml. 

3. If the end point was not over-run by a large amount in neutralization of the 
NaOH with HC1, 3 g NaHC0 3 is sufficient to neutralize all excess acid and provide 
a reserve amount to act as a buffer in the iodine titration. As previously shown, 
hydrogen ion is liberated in the titration, and a buffer is needed to react with it. 
Write the equation. It is advisable to add another pinch of bicarbonate after the 
original 3 g is dissolved and note whether effervescence occurs. If so, it shows that 
the solution is still acid, and more bicarbonate is needed. An excess will do no harm. 

4. For the blank add 1-1.5 g potassium iodide to 100 ml water, then add 5 drops 
hydrochloric acid, 2-3 g sodium bicarbonate, and 2-3 ml starch solution. Titrate 
with iodine solution to a permanent blue color. Potassium iodide is added in the 
blank in order to have the amount present that will ordinarily be present in an anal- 
ysis (because of the use of approximately 40 ml of iodine reagent which contains 
potassium iodide). 

Errors. The chief source of error in this titration is failure to use 
sufficient bicarbonate to neutralize all the excess acid. If there is in- 
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sufficient bicarbonate present, the end point appears prematurely, and 
too little iodine is added. See chemical equation. 

Standardization of Thiosulfate by Bichromate, This exercise 
illustrates the iodometric method for analysis of strong oxidizing agents 
which must be reduced in solutions of high acidity. A known weight 
of pure dichromate crystals is treated with excess potassium iodide in 
sulfuric acid solution, and the liberated iodine is titrated with the solu- 
tion to be standardized. The reactions are: 

Cr 2 Or + 14H + + 61“ = 3I 2 + 2Cr +++ + 7H 2 0 
3I 2 + GS 2 0 3 == = 61“ + 3S 4 06 == 

Thus 1 molecule of K 2 Cr 2 C>7 requires 6 S 2 03 == ions, and the equivalent 
weight of potassium dichromate is 49.04 g. 

Reagent-grade potassium dichromate is usually of sufficient purity 
for student requirements. A small portion should be ground and dried 
by heating in an evaporating dish at 175-200° for 30 minutes (heat in a 
sand bath, with a thermometer bulb imbedded in the powder). 

Procedure. Accurately weigh out three portions of about 0.2 g of 
the dry powdered crystals. Transfer to a 500-ml Erlenmeyer flask, and 
dissolve in 100 ml 2 A sulfuric acid (note 1). 

* Add to the solution in small portions and with constant swirling 2 g 
powdered sodium carbonate (note 2), and then pour in a solution of 
10 g iodate-free potassium iodide dissolved in 10 ml water. Swirl to 
mix. Cover the flask with a watch glass, to exclude air, and allow to 
stand 5-10 minutes (note 3). Dilute to 350 ml (note 4), and titrate 
with thiosulfate solution until the brown color of iodine begins to fade, 
then add 3-5 ml starch solution and complete the titration. At the end 
point the blue color of starch-iodine disappears, leaving the green color 
of chromic ion.** 

From the weight of dichromate used and the volume of thiosulfate, 
compute the normality of the latter. Duplicate results should agree 
with an average deviation of . 

Notes. 1 . Prepare by adding 30 ml concentrated H 2 SO 4 to 500 ml water. Mix 
well. 

2 . The carbon dioxide evolved displaces air, thereby preventing air oxidation of 
iodide ion in the acid solution. Swirl gently to mix, but avoid vigorous agitation. 
Use the specified weight of Na 2 CC> 3 ; too much will exhaust the acid. 

3. Time must be allowed for complete reaction. Longer standing is undesirable 
because of the possibility of air oxidation. 

4. The final concentration of acid is about 0.4 N. 

Errors. In addition to ordinary volumetric errors, the following may 
affect this titration: 
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1. Oxidation of iodide ion by air. 

2. Insufficient acidity, which causes incomplete reduction of di- 
chromate by iodide ion. 

3. Loss of iodine vapor. The flask should be kept closed except dur- 
ing the titration. Avoid vigorous shaking. 

4. Premature addition of starch. See the discussion of the use of 
starch. 

5. Presence of iodate in the potassium iodide. If the test outlined on 
page 241 shows that iodate is present, a blank should be determined 
and a correction made for the volume of thiosulfate consumed in the 
blank. 

Standardization of Thiosulfate by Copper. The reaction of cop- 
per with iodide ion and the iodometric determination of copper are dis- 
cussed in the following sections. Commercial copper wire and sheet 
are of high purity and are often used as primary standards for thiosul- 
fate solutions. The chief difficulty is in the end point, which is difficult 
to obtain accurately until some experience is gained. 

Procedure. Clean a small piece of copper sheet or wire by immersing 
briefly in dilute nitric acid, washing, and drying. Weigh accurately 
three portions of about 0.3 g (note 1). Place each portion in a 250-ml 
Erlenmeyer flask and add 1.5 ml concentrated nitric acid and 5 ml 
water. Set the flask on the steam bath, and allow to stand until the 
copper has all dissolved (note 2) ; then dilute to 30-50 ml. 

Follow the procedure given on page 248, beginning with the star. 

From the weight of copper and volume of thiosulfate compute the 
normality of the latter. The average deviation in three determinations 
should not exceed yo V o- 

Notes . 1. The equivalent weight of copper in this reaction is its atomic weight, 

63.54 g. 

2. Do not leave on the bath after the copper has dissolved, since, if the acid evapo- 
rates, the copper nitrate may not readily redissolve. 

Errors. See discussion on page 249. 

ANALYSES 

Cr in Soluble Chromate. Obtain the sample in a stoppered weigh- 
ing bottle. Dry in the oven. Weigh out accurately three 0.5- to 1-g 
samples as directed by the instructor, and transfer to 500-ml Erlen- 
meyer flasks. Dissolve in 100 ml 2 N sulfuric acid. Follow the proce- 
dure on pags 244, beginning with the star and ending with the double 
star. From the volume and normality of the thiosulfate solution com- 
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pute the weight and percentage of Cr in the sample. Read the notes 
and discussions of errors on page 244. 

Sb in Soluble Antimony Sample. Obtain the sample in a stop- 
pered weighing bottle, and dry in the oven. Weigh out accurately three 
1-g samples (note 1), and transfer to 250-ml Erlenmeyer flasks. Dis- 
solve in a solution of 5 ml HC1 in 50 ml water. Add 3 g powdered tar- 
taric acid (note 2), and carefully neutralize with 1 N NaOH (note 3), 
using methyl red or methyl orange indicator. If the end point is over- 
run bring the solution back to the acid side by a few drops of HC1, tak- 
ing care to avoid any large excess. When the solution is barely acid, 
add 3 g powdered NaHC 03 , and swirl until the bicarbonate is dissolved. 
Add 3-5 ml starch solution, and titrate immediately with a standard 
iodine solution. Compute the percentage of Sb in the sample. The 
equivalent weight is Sb/2. 

Notes. 1. Based upon Sb percentages of 15-25. 

2. Tartaric acid forms the complex H(Sb0)C4H406 which is soluble. This pre- 
vents precipitation of basic antimony salts when the solution is neutralized. If 
tartar emetic is used as student sample (see instructor), it may not be necessary to 
add tartaric acid. 

3. Prepare by dissolving 4 g reagent-grade NaOH in 100 ml water. 

Antimony in Stibnite. The analysis of stibnite, an ore which con- 
sists chiefly of antimony sulfide along with a little silica, is a common 
student exercise. If arsenic and iron are present, it is necessary to use 
a complicated procedure for the separation of antimony, but in the 
absence of interfering substances it is sufficient to bring the ore into 
solution and titrate the tri valent antimony without any separations. 

The ore is disintegrated in concentrated hydrochloric acid and the 
solution heated to expel hydrogen sulfide. Potassium chloride is added 
prior to the acid treatment to prevent loss of antimony trichloride by 
volatilization. Excess chloride ion gives the complex SbCl 4 ~ ion which 
is not volatile. After removal of hydrogen sulfide, the solution is di- 
luted, neutralized, and buffered by addition of sodium bicarbonate. 
Trivalent antimony is titrated in the buffered solution with iodine. 
Precipitation of basic antimony salts is prevented by addition of tar- 
taric acid, which forms the complex H(Sb0)C 4 H 4 06. 

Procedure. If the ore is not well ground as received, it should be 
ground to a fine powder (not usually necessary with student samples). 
Dry the sample at 110°. Weigh out accurately three 0.5- to 3-g samples 
(consult instructor as to approximate percentage of antimony), and 
transfer to dry 250-ml beakers. Add about 0.3 g potassium chloride 
crystals, which have been ground to a fine powder. Pour 10 ml hydro- 
chloric acid over the sample, cover the beaker with a watch glass, and 
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set on the steam bath for disintegration of the sulfide. At the end of 
15 min utes the disintegration should be complete; the residue (silica) 
should be white. 

When decomposition is complete, add 3 g powdered tartaric acid, and 
continue heating on the steam bath for 10-15 minutes. Dilute to 100 ml 
by slowly adding water from a pipet. If a red precipitate of antimony 
sulfide appears, stop the addition of water, and place the beaker on the 
steam bath until the precipitate redissolves and all hydrogen sulfide is 
expelled from the solution. If a white precipitate of basic antimony salts 
appears, discard the determination. Such a precipitate once formed is 
difficult to redissolve. 

Add a drop of methyl orange or methyl red indicator (or a strip of 
litmus paper), and neutralize the solution by slow addition of 6 ANaOH 
solution (note 1). Try to avoid a large excess of NaOH. Add 6 A HC1 
solution (note 2) until the solution is distinctly acid, but avoid a large 
excess. Now add about 3 g powdered NaIIC0 3 , and stir until it is 
dissolved. At this point the acid should be all neutralized, and suffi- 
cient bicarbonate should be present to buffer the solution during the 
subsequent titration. Test for excess bicarbonate by adding another 
pinch of powder and noting whether there is further evolution of CO 2 . 
If there is, add more bicarbonate. 

Quantitatively transfer the solution to a 500-ml Erlenmeyer flask, 
and titrate with standard iodine solution, using 3-5 ml starch indicator. 
From the volume and normality of iodine used compute the percentage 
of antimony in the ore. The equivalent weight is Sb/2 or 60.88 g. 

Notes. 1 . Prepare by adding 6 g reagent-grade pellets to 25 ml water. 

2. Prepare by adding 10 ml concentrated HC1 to 10 ml water. 

Errors. The chief source of error is due to insufficient bicarbonate to 
buffer the solution completely. When this occurs, the end point fades 
badly. 

Copper. Two methods are widely used for the determination of 
copper, electrolytic deposition and titrimetric by iodometry. The latter 
is based on the reaction, 

2Cu ++ + 4I~ = 2CuI + I 2 

T his reaction goes to completion because cuprous iodide is precipitated. 
The iodine liberated is titrated, without removal of the Cul precipitate, 
with standard thiosulfate solution. 

The reactions are carried out in acid solution, for the reasons discussed 
on page 240. Strongly acid solutions cannot be used because air oxida- 
tion of iodide ion (catalyzed by cuprous ion) is favored. Moreover, 
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thiosulfate titrations should not be made in too strongly acid a solution. 
The copper analysis is best done at a pH of about 3-4; a buffered acetic 
acid solution is ordinarily employed. The chief interfering substances 
are oxides of nitrogen and the elements such as trivalent or penta valent 
arsenic and antimony, which react with iodine or with iodide ion. Since 
copper samples are usually dissolved in nitric acid, special precautions 
must be taken to remove oxides of nitrogen. This may be done by 
evaporation in the presence of sulfuric acid until all nitrates are ex- 
pelled, or more simply by using only a slight excess of nitric acid and 
removing the oxides of nitrogen by adding to the solution a little urea 
which reacts rapidly and quantitatively with nitrous acid . Use of too 
great an excess of urea causes the end point of the titration to be uncer- 
tain. 

The presence of a precipitate of cuprous iodide causes some difficulty 
in recognition of the end point. Much of this is avoided if starch is not 
added until practically all the iodine has reacted. With a little experi- 
ence this point is readily recognized by the fading of the iodine color. 
When starch is added prematurely, it is adsorbed on the surface of the 
precipitate and is not readily decolorized. The end point may be made 
sharper by adding 1-2 g ammonium or potassium thiocyanate just 
prior to the addition of starch. Thiocyanate ion is adsorbed by cu- 
prous iodide and displaces adsorbed iodine. 4 The same effect can also be 
obtained by adding a few drops of nitrobenzene. 

Procedure. Copper Solution. The sample is a weighed portion 
of copper sheet or wire dissolved in 7-8 ml HN0 3 . Obtain in a 250-ml 
volumetric flask. If the sample has not all dissolved, place the flask 
(unstoppered) on the steam bath until solution is complete. Dilute to 
the mark, and mix thoroughly. Properly rinse the pipet, and pipet out 
four 50-ml aliquot portions; deliver them into 250-ml Erlenmeyer flasks. 

* Heat the solution to boiling, and add 5 ml of a solution which con- 
tains 1 g urea per 25 ml. Boil for 1 minute. Cool in tap water, and 
neutralize with 1:4 ammonium hydroxide until a blue-green precipitate 
of cupric hydroxide begins to form. Avoid sufficient excess ammonium 
hydroxide to give the blue color of the cupric ammonia ion (note 1). 
Add to the neutral solution 5 ml glacial acetic acid, cool to room tem- 
perature if warm, and add a solution of 5 g potassium iodide in 10 ml 
water. Cover the flask with a watch glass, and allow to stand 2 min- 
utes. Titrate with standard thiosulfate solution. When the color of 
iodine begins to fade, and the precipitate appears almost pure white 
(note 2), add 5 ml starch solution, and complete the titration until one 
drop of thiosulfate causes disappearance of the blue color. Optionally, 

4 H. W. Foote and J. E. Vance, Ind. Eng. Chem Anal. Ed. } 8, 119 (1936); J. Am , , 
Chem. Soc.j 67, 845 (1935). 
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Copper Ore 

2 g ammonium or potassium thiocyanate (note 3) may be added just 
before addition of starch and the solution swirled until all the thiocy- 
anate is dissolved; then starch may be added and the titration com- 
pleted. 

Compute the weight of copper in each aliquot portion, and report 
thetofaT weigiit received? ""Tlte "equivalent weight is 63.54 g. 

Notes. 1. If any appreciable concentration of ammonium salts is present, the 
hydroxide-ion concentration is so repressed that the cupric hydroxide precipitate 
does not form. The use of too much nitric acid or urea may lead to this condition. 
If too much ammonium hydroxide is used (blue color of cupric ammonia complex), 
it is neutralized by the acetic acid, leading to formation of an ammonium acetate 
buffer. This condition causes poor end points. Careful control of pH is important. 

2. It often happens that students spoil the first sample by failure to recognize 
the proper point at which to add starch. Use of four samples is specified so that 
three good values may be obtained even if the first is spoiled. 

3. A blank should be run on the thiocyanate to establish the absence of reducing- 
agent impurities (often sulfides) in the reagent which might react with iodine. 
Dissolve 2 g of reagent in a small amount of water, add 5 ml starch indicator, and 
determine the volume of standard I 2 solution to produce the blue color. 

Errors. In addition to the usual volumetric errors, the following 
may occur: 

1. Presence of oxides of nitrogen, leading to excess oxidation of iodide 
ion. 

2. Incorrect pH, due to use of too much nitric acid, urea, or ammonia. 

3. Difficulty in determination of end point. 

4. Air oxidation, because of too slow titration. 

5. Loss of iodine from the solution, due to vigorous swirling. 

Copper Ore. Copper ores usually contain iron, arsenic, and anti- 
mony. All these can cause interference in the iodometric determination 
of copper unless the copper is isolated or unless the titration is carried 
out under conditions that will prevent interference. The copper can be 
isolated by dissolving the sample in nitric acid, converting to a sulfuric 
acid solution, and precipitating the copper with zinc or aluminum. The 
precipitated copper is then dissolved in nitric acid and determined ac- 
cording to the procedures given previously. In the* Park method 6 no 
separations are made. Interference from ferric iron is prevented by 
addition of ammonium bifluoride, which causes formation of the stable 
complex, FeF 6 ^. Arsenic and antimony are oxidized to the pentavalent 
condition by the procedure used for bringing the sample into solution. 
In this form they cause no interference provided that the pH of the 
solution is carefully regulated at a value of about 3.5. A phthalate 
buffer serves for pH regulation. 

6 B. Park, Ind. Eng. Chem ., Anal. Ed., 3 , 77 (1931). 
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Procedure. Weigh out sufficient sample to furnish about 0.2 g Cu 
(instructor), and transfer to 150-ml beaker. Add 20 ml nitric acid, and 
heat on the steam bath until all copper is in solution. Evaporate on 
steam bath to a volume of about 5 ml. Add 5 ml urea solution (1 g in 
25 ml), and heat for a few minutes, then dilute to 30 ml, place the beaker 
on a wire gauze, and bring the solution to a boil (avoid spattering). 
Filter while hot, and wash the residue well with hot dilute nitric acid 
(1:100), catching the washings with the filtrate in a wide-mouth Erlen- 
meyer flask. Place the filtrate on the steam bath, and evaporate to 
about 30 ml. Cool and add 6 N ammonium hydroxide to precipitate 
the iron. When a precipitate begins to appear, add the hydroxide a 
drop at a time, testing after each addition for the smell of ammonia 
above the solution. When ammonia is faintly detectable by smell, after 
residual gas is blown away from above the surface, the iron is all pre- 
cipitated. There should not be sufficient excess ammonia at this point 
to give the deep-blue color of the cupric ammonia complex. Add ex- 
actly 2.0 g ammonium bifluoride, and swirl until it is dissolved; then 
add 1.0 g potassium acid phthalate, and swirl until dissolved. Add 
3.0 g potassium iodide, and swirl gently until dissolved. Titrate at 
once with standard thiosulfate solution, as directed in the preceding 
exercise. Report the percentage of copper in the ore. 

Iodide Ion. The amount of iodide ion in a sample can be determined 
by quantitative oxidation to iodine and titration of the iodine with 
thiosulfate. It is, of course, necessary to remove all excess of oxidizing 
agent before the thiosulfate titration. This limits the choice of oxidiz- 
ing agents that can be used. Sodium nitrite in dilute sulfuric acid solu- 
tion is a convenient oxidizer; the excess of nitrite can be removed by 
urea, as described in the iodometric method for copper. Bromine or 
chlorine cannot be used unless care is taken to oxidize all the iodine to 
iodic acid, since otherwise there is uncertainty as to the equivalents of 
iodine formed. When the amount of iodine in a sample is very small, 
an acid solution may be treated with bromine and boiled until all bro- 
mine is expelled. This oxidizes iodine quantitatively to iodic acid. 
The sample is now^treated with an excess of potassium iodide, and iodine 
is liberated. The liberated iodine is titrated with standard thiosulfate. 
This method has the advantage that each equivalent of iodide ion orig- 
inally present gives six equivalents of titratable iodine. The reactions 
are: 

1“ + 3Br 2 + 3H 2 0 = I0 3 ” + GBr“ + 6H+ 

I0 3 “ + 51“ + 6H+ = 3I 2 + 3H 2 0 

This method is often used for the determination of iodine in biological 
samples. 
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QUESTIONS 

1. Write ionic equations to represent all the reactions involved in the following; 
include reactions used to dissolve materials, etc. 

(a) The iodimetric determination of sulfur present as H2S. 

(b) The standardization of I2 solution with AS2O3. 

(c) The standardization of Na2S2(>3 solution with Cu. 

2 . Why have so many volumetric redox methods been developed which involve 
iodine? 

3 . What errors arise in iodometric procedures from: 

(a) Too low a pH at the time of titration? 

(b) Addition of starch at the beginning of the titration? 

(c) Use of partially decomposed starch solution? 

4 . Why is borax or sodium carbonate sometimes added to thiosulfate solutions? 

5 . Why is starch often an unsatisfactory indicator if a solution contains a high 
concentration of electrolytes? 

6. Describe a method whereby a thiosulfate solution could be standardized by 
pure iron wire. 

7 . In the standardization of thiosulfate with permanganate, di chromate, etc., 
why is the standard added to a strongly acid solution? Why is the solution later 
diluted before titration with thiosulfate? Why cannot thiosulfate be directly titrated 
against such oxidizing agents as permanganate? 

8. Why must the iodimetric determination of As +++ or Sb +++ be made in buffered 
solutions? What pH is employed? 

9. Predict the effects of the following errors on the specified determinations: 

(a) In the standardization of Na2$203 with K2Cr2C>7 sodium carbonate is not 

added. 

(b) In the analysis for Cu urea is not added. 

(c) Atmospheric oxidation takes place during the standardization of Na2S203 

with Cu. 

(d) A blank is not run on the KI which contains a small amount of KIO3; the 

KI is used in an analysis of a soluble chromate sample. 

10 . In the stibnite determination what would be the effect on the result if: 

(a) The H2S were not all boiled out of solution? 

(b) The NaHCC>3 were not added? 

11 . Why is it advisable, in indirect iodine determinations, to prepare four samples, 
instead of the three samples ordinarily employed for other volumetric analyses? 

12. last the errors which may result from the incorrect use of starch solution. 

13 . List the errors common to all indirect analyses involving iodine. 

14 . Describe a method for standardization of a thiosulfate solution by indirect 
comparison with a standard sodium hydroxide solution. Give equations for each 
reaction involved. What indicator should be used for each titration? 


PROBLEMS 

1. Express the strength of a 0.0900 N iodine solution in terms of the titer for the 
following substances: As, AS2O3, AS2O5, H2S, H2SO3, S, CdS. 

2. What is the titer of 0.1000 N thiosulfate solution for each of the following sub- 
stances: I, Cu, Fe, K2Cr207, Cr2(>3, KMn(>4? 

3 . How much of the substance in column B will react with the stated amount of 
reagent in column A? 
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A B 

30.00 ml 0.1000 N h g As 2 0 3 

35.00 ml 0.2000 N Na 2 S 2 0 3 mg K 2 Cr 2 0 7 

150.0 mg Cu ml 0.0950 M Na 2 S 2 0 3 

40.00 ml 0.1000 M KMn0 4 ml 0.1000 M Na 2 S 2 0 3 

4. Calculate the normalities of the following thiosulfate solutions: 

(a) 31.67 ml Na2S2(>3 is equivalent to 0.3500 g pure I2. 

(b) 35.15 ml Na2S2C>3 is equivalent to 0.2500 g electrolytic Cu. 

(c) 41.22 ml Na2S2C>3 is equivalent to 37.84 ml I2; 35.62 ml I2 is equivalent to 
0.2750 g As 2 0 3 . 

(d) 29.08 ml Na2S20 3 is equivalent to 0.1000 g KBr(>3. 

(e) 36.52 ml Na2S20 3 is equivalent to 0.2982 g KIO3. 

5. A solution of thiosulfate is standardized with pure potassium di chromate. From 
the following data calculate the normality of the solution. 


Buret readings: after 

41.73 ml 

before 

0.51 ml 

Weight sample plus container 

16.3852 g 

Weight container 

16.1731 g 

Buret readings for the blank: after 

0.15 ml 

before 

0.07 ml 


6. 1.000 ml K^C^Cb is equivalent to 0.005585 g Fe; 20.00 ml K^C^Oy liberate 
the iodine which is titrated by 32.46 ml Na2S203. What is the normality of the latter 
solution? 

7. Find the copper titer of a thiosulfate solution from the following data: 

40.16 ml KMn04 is equivalent to 200.0 mg AS2O3. 

35.79 ml KMnCb liberates iodine which is titrated by 41.07 ml Na2S2C>3. 

8. To a mixture of 97.31 ml of 0.1096 N I2 and 97.21 ml 0.1098 N Na2S203 a drop 
of starch is added. Is the mixture blue or colorless? 

9. How many milligrams of AS2O3 will react with the I2 equivalent to 35.00 ml 
Na2$203 solution if 40.00 ml Na2$203 solution is equivalent to 3.000 m mol metallic 
copper? 

10. What range of weights of K2Cr2C>7 as a primary standard should be used for 
the standardization of a 0.0500 N Na2S2C>3 solution? Should individual samples or 
aliquot portions be used? 

11. How many grams of KIO3HIO3 (potassium biniodate) are contained in 500 
ml of 0.1000 N solution? 

12. A soluble chromate is treated with excess KI in the presence of strong acid; 
after dilution 35.00 ml 0.1600 N Na2S20 3 is required to titrate the liberated I2. What 
is the weight of Cr in the sample? 

13. Calculate the percentage of CuO in an ore from the following: 

weight of sample 0.4217 g 

volume of Na2S20 3 35.16 ml 

41.22 ml Na2S20 3 is equivalent to 0.2121 g K^C^Oy 

14. Find the percentage of CU2O in an ore from the following: 

30.10 ml I2 is equivalent to 0.2475 g AS2O3. 

50.00 ml Na2S20 3 is equivalent to 30.10 ml I2. 

0.6092 g ore requires 30.46 ml Na2S20 3 . 
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15. What would be a satisfactory range of sample weights for the analysis of an 
unknown which is approximately 15 per cent AS2O3 by titration with 0.1250 N I2? 

16. 18.00 ml 0.1000 M KMnCU reacts with excess KI to liberate a quantity of 
I 2 which in turn requires 45.00 ml Na2S2C>3 for titration. 30.00 ml of the thiosulfate 
solution is needed to titrate the iodine liberated by a copper sample. Calculate 
the milligrams of copper in the sample. 

17. The AS2O3 titer of an I2 solution is 5.100 mg per milliliter. Find the percentage 
purity of a stibnite ore which required 27.50 ml I2 to titrate a 0.5000-g sample. 

18. What is the percentage purity of a sample of tartar emetic, K(Sb0)C4H40e 
if 0.5063 g requires 38.63 ml of an I2 solution for titration in the presence of NaHCOs. 
The AS2O3 titer of the I2 is 1.000 mg per milliliter. 

19. The reaction between IO3 - , I” and H + to form I 2 and the reaction of the 
latter with S 2 03 !== may be used to standardize an acid. A weighed sample of iodate 
is dissolved in a solution which contains an excess of KI and Na 2 S 2 0 3 . The solution 
is titrated with the acid until all the iodate is used up and H + is in excess as shown 
by methyl orange indicator. In such a standardization 32.56 ml of an acid was 
needed to titrate a solution containing 0.5455 g pure KIO3. What is the normality 
of the acid? 

20. A 0.2352-g sample of pyrolusite (Mn02) is heated with excess hydrochloric 
acid, and the distillate is passed into excess potassium iodide solution. The iodine 
liberated requires 47.82 ml 0.1123 A r thiosulfate solution for titration. Calculate 
the percentage of manganese dioxide in the pyrolusite. 

21. An iron sample contains 0.05 per cent of S, present as sulfide. If a 1.000-g 
sample is analyzed iodimetrically, what concentration of iodine solution should be 
used in order that the volume of solution be 30 ml or greater? 

22. What weight of potassium bromate is required to liberate sufficient iodine to 
react with 30.00 ml thiosulfate solution, 42.56 ml of which is equivalent to 37.95 
ml of an iodine solution; 30.00 ml of the iodine solution is equivalent to 0.1575 g 
pure arsenious oxide. 

23. Lead may be estimated volumetrically by electrolyzing to convert the lead to 
the dioxide Pb02, dissolving the dioxide in an acid solution of potassium iodide, and 
titrating the liberated iodine with thiosulfate; 0.5670 g of an ore required 36.23 ml 
0.0998 N thiosulfate for titration of the liberated iodine. Calculate the percentage 
of lead in the ore. 

Pb0 2 +H+ + r = Pb++ + I 2 + H 2 0 (unbalanced) 

24. Lead can be determined by precipitating it as PbCr(>4, dissolving in acid, 
adding excess KI, and titrating with Na2S 2 0 3 . What volume of 0.1400 N Na2S 2 0 3 
would be required to titrate the iodine liberated by the sample of Problem 23? 
Often the acidified chromate solution is directly titrated with FeS04 solution. What 
volume of 0.1250 N FeS04 solution would be required to titrate the sample of Prob- 
lem 23? 

25. Calculate the normality of a Na2S 2 03 solution from the following: 

Normality of NaOH = 0.1000 

21.29 ml NaOH is equivalent to 32.15 ml KHC2O4. 

32.15 ml KHC2O4 is equivalent to 54.60 ml KMn0 4 . 

27.30 ml KMn04 is equivalent to 21.29 ml Na2S 2 03. 

26. A 3.565-g sample of bleaching powder is shaken thoroughly with water and 
diluted to 500 ml. 25.00 ml of this required 29.62 ml 0.1042 N Na 2 S 2 0 3 to titrate 
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the I2 liberated when the bleaching powder solution is mixed with KI. Find the 
percentage of available chlorine in the bleaching powder. 

27. How many milliliters of a solution which contains 1.500 g 99.5 per cent AS2O3 
in 250 ml are needed to directly titrate a 50.00-ml aliquot of the bleaching powder 
solution of Problem 26? 

28. Small amounts of gold are estimated by an iodometric procedure whereby the 
iodine producing reaction is: 

AuC1 3 + 3KI = Aul + I 2 + 3KC1 

What volume of W/1000 Na2S20 3 is needed to titrate the iodine liberated by the 
gold in 1.000-g ore which contains 0.030 per cent Au? 

29. 0.5000 g of a sample of KI is added to 50.00 ml of 0.1000 N KI0 3 which is 
acidified; the mixture is boiled until the I2 is expelled. The solution is cooled, and 
2-3 g KI is added. It requires 21.21 ml 0.0956 N Na2S20 3 to titrate. Find 
the percentage purity of the KI. 

30. The Hinman method for the volumetric determination of sulfate involves the 
addition of an acidified solution of BaCr04 to the unknown. After the BaSCb has 
precipitated, the solution is made basic, and the excess BaCKX precipitates. One 
mole of Cr04 == is left in solution for each mole of S04*" precipitated. The precipitate 
is removed by filtration, and the solution is acidified, treated with KI, and titrated 
with Na2S2O.1t. How many milliliters of 0.1108 A Na2S20 3 are needed to titrate a 
0.1500-g sample of (NH4)2S04 treated as described? 

31. What weight of steel must be taken for analysis so that each 1.000 ml of 
0.0100 N I2 solution represents 0.0100 per cent S in the sample? 



CHAPTER 



Oxidation— reduction IV. Other 
Oxidizing Agents 


Until recently the majority of oxidation-reduction determinations 
were made either with permanganate or by the methods involving iodine, 
because of lack of an indicator for use with other oxidizing agents. The 
development of general oxidation-reduction indicators has given im- 
petus to the use of other oxidizing agents. 


CERIC SULFATE 1 

Ceric sulfate has about the same oxidation potential as potassium 
permanganate, and it may replace permanganate in all titrations. In 
certain reactions, however, which proceed readily with permanganate, a 
catalyst must be employed with ceric sulfate. Examples of this are the 
titration of oxalate, usually catalyzed by iodine monochloride, and the 
titration of arsenious acid, catalyzed by osmium tetroxide. Ceric sul- 
fate must be employed for titration in acid solution; ceric salts are 
hydrolyzed in basic or neutral solutions. The advantages of ceric sul- 
fate are the following: 

1. Stability. Solutions of concentration from 0.01 N to 0.1 N or 
stronger are stable, both hot and cold, and may be preserved indefinitely. 

2. Ceric sulfate may be used in the presence of rather high concentra- 
tion of hydrochloric acid without any oxidation of chloride ion. Because 
of this, ceric sulfate is a much better reagent than permanganate for the 
determination of iron by the Zimmermann-Reinhardt process. 

3. Ceric ion can undergo, in acid solution, but one reaction: 

Ce ++++ = Ce +++ 

1 See the various publications appearing in the Journal of the American Chemical 
Society and in Industrial and Engineering Chemistry , Analytical Edition. 

255 
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4. The color of ceric solutions does not obstruct observation of the 
position of the meniscus in solutions of concentration not greater than 
0.1 N. 

5. The product of the reaction of ceric ion, cerous ion, is colorless. 

6. A ceric salt suitable for a primary standard is available. This salt 
is the complex hexanitrato ammonium cerate, 2 (NH^Ce^OsV It 
may be used for direct preparation of solutions of known concentra- 
tion by being dissolved in dilute sulfuric acid, evaporated until the 
nitrate complex is decomposed and the nitric acid is volatilized, and 
then diluted to volume. 

Other Ceric Salts. 3 Recent work 4 has shown that other ceric salts 
behave somewhat differently from ceric sulfate. The oxidation poten- 
tial of tetravalent cerium is to a high degree dependent on the acid 
anion present. This suggests that we are not dealing with the simple 
Q e ++++ j on? but w Rh complex anions, probably of the composition 
CeXe"". To each complex ion there can be assigned an oxidation poten- 
tial, which depends on the degree of stability of the complex, just as the 
oxidizing power of heptavalent manganese is expressed in terms of the 
oxidizing potential of the stable complex, Mn0 4 — . The oxidation po- 
tential is least for hydrochloric acid solutions and increases in order with 
the series sulfuric, nitric, and perchloric acids. The fact that ceric salts 
do not oxidize chlorides in the Zimmermann-Reinhardt process, Avhereas 
permanganate does oxidize chlorides under the same conditions, is 
probably due to the low oxidizing potential in a hydrochloric acid me- 
dium. The high potentials obtained in nitric and perchloric acid media 
provide the analyst with a superoxidizing agent. Smith and Getz {loc. 
cit.) have shown that oxalates can be titrated quantitatively in the cold 
by nitric or perchloric acid solutions of ceric salts, without a catalyst. 
This same titration with ceric sulfate requires a catalyst and an elevated 
temperature. The high-potential ceric salts are not so stable in solution 
as ceric sulfate, because of the great tendency to gain an electron, but 
they are sufficiently stable that the solutions may be satisfactory if re- 
standardized occasionally. These high-potential oxidizers will doubt- 
less broaden the field of oxidation determinations, as further studies are 
made. 

Indicator. The oxidation indicator for most ceric ion titrations is 
orthophenanthroline ferrous complex, Fe(Ci 2 H 8 N 2 ) 3 ++ , which is pre- 

2 G. F. Smith, V. R. Sullivan, and G. Frank, Ind. Eng. Chem ., Anal. Ed., 8 , 449 
(1936). 

3 A knowledge of oxidation-reduction theory, as given in Chapter 15, is necessary 
before this section is studied. 

4 G. F. Smith and G. A. Getz, Ind. Eng. Chem., Anal. Ed., 10 , 191, 304 (1938). 
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pared by adding a solution of orthophenanthroline to a ferrous salt. 
On oxidation the ferrous complex is converted into the ferric complex, 
Fe(Ci 2 H 8 N 2 ) 3 +++ . The color change is from an intense red to a faint 
blue color. 6 This change is apparently caused by a molecular rearrange- 
ment within the complex ion when the iron atom is oxidized. 

The indicator is purchased under the trade name of “Ferroin” as a 
0.025 M solution of the ferrous complex. One drop is used for a titra- 
tion volume of 100-150 ml. 

Preparation of Ceric Sulfate Solution. Dissolve 63 g reagent- 
grade ammonium tetrasulfato cerate dihydrate (notes 1, 2) or an equiv- 
alent amount of other reagent-grade ceric sulfate compound in 500 ml 
2 N sulfuric acid, and dilute to 1 1. Store in a glass-stoppered bottle. 
If the solution becomes turbid on standing, owing to slow precipitation 
of ceric phosphate, filter through a Gooch or Selas crucible. The solu- 
tion is approximately 0.1 N. 

Notes . 1. The formula of this salt is (NH 4 ) 4 Ce(S 04 ) 4 * 2 H 20 , and the molecular 

weight 632.53. 

2. Other salts are Ce(S 04)2 and H 4 Ce(S 04 ) 4 . 

Standardization. Sodium oxalate, arsenious oxide, and iron wire 
of known assay value may be used for standardization. With the first 
two it is necessary to employ a catalyst; iron wire 6 is preferable, since 
the most frequent use of ceric sulfate is in the analysis of iron samples. 

Procedure. Iron Wire. Weigh accurately three 0.25-g samples of 
clean bright wire, and transfer to 500-ml Erlenmeyer flasks. Dissolve 
in 10 ml hydrochloric acid (note 1). Heat the solution nearly to boiling, 
and add stannous chloride solution (note 2), drop by drop, until the 
sample is decolorized (note 3). Avoid an excess of more than 1 drop. 
Cool completely, and pour in rapidly 10 ml mercuric chloride solution 
(note 4). Allow to stand 3-5 minutes, then add 10 ml hydrochloric 
acid, dilute to 300 ml, add 1-2 drops “Ferroin” indicator, and titrate to 
a sharp color change. Calculate the normality of the ceric sulfate solu- 
tion. No indicator blank is employed. 

Notes. 1. When solution is complete, there may still be a residue of small pieces 
of carbon floating in the liquid. This may be disregarded. 

6 When used in an iron titration the color change will be to green which results 
from the blue of the indicator and the yellow of the Fe solution. 

6 Iron wire labeled “for standardization” has been repeatedly tested by comparison 
with primary standard-grade sodium oxalate and found to be reliable. Ordinary wire 
is unsuitable because of the carbides present. If a suitable grade of wire is not avail- 
able, the solution may be standardized by comparison with an iron ore of known 
analysis. 
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2. For preparation of the stannous chloride and mercuric chloride solutions, see 
Zimmermann-Reinhardt process, page 222. 

3. The first drop added may cause decolorization, since there is little opportunity 
for oxidation during solution of the sample. 

4. No preventive solution is needed when ceric sulfate is used as oxidizing agent. 

Procedure. Analysis of Iron Ore. Read carefully the directions 
of page 223 for the Zimmermann-Reinhardt process. The ceric sulfate 
determination is identical with the permanganate one except for the 
preventive solution and the indicator used. 

Proceed as on page 223 with solution of the sample and reduction by 
stannous chloride. Cool, and add rapidly 10 ml mercuric chloride solu- 
tion. Allow to stand 3-5 minutes, then add 300 ml cold distilled water 
and 1-2 drops ferrous orthophenanthroline indicator. Titrate as in the 
standardization. Compute the percentage of iron in the ore. 

POTASSIUM DICHROMATE 

Potassium dichromate has been used for the analysis of iron ores for 
many years because of the fact that hydrochloric acid solutions of the 
sample can be titrated accurately without the occurrence of side reac- 
tions between the oxidizing agent and chloride ion. The procedure fol- 
lowed in the past, however, was very tedious because of the lack of a 
suitable internal indicator. The titration was performed by aid of a 
spot-test indicator, a solution of potassium ferricyanide serving to indi- 
cate the point at which ferrous ion disappeared from the solution being 
titrated. The use of dichromate has received fresh impetus with the 
discovery of suitable internal oxidation indicators. It possesses the ad- 
vantages of cheapness and non-reduction by chloride ion. 

Indicator. Since the oxidation potential of dichromate is somewhat 
lower than that of permanganate and ceric ions, it is advisable to employ 
as indicator a lower oxidation potential substance than that of the fer- 
rous orthophenanthroline complex. The latter will give an accurate end 
point (near the stoichiometric point) with dichromate titrations of iron 
only if the acidity of the solution is very high. A better indicator is the 
sodium or barium salt of diphenylamine sulfonic acid. The color change 
obtained is sharp, the indicator turning from colorless to a deep purple. 
The amount of dichromate required for oxidation of the indicator is 
negligible, when 0.1 N solutions are employed, but with more dilute 
solutions the indicator should be partially oxidized before use. 7 

Preparation and Standardization of Solution. Although potas- 
sium dichromate is usually obtained in sufficient purity for use as a 

7 H. H. Willard and P. Young, Ind. Eng. Chem., Anal Ed ., 5, 154 (1933). 
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primary standard, 8 it is necessary to standardize the solutions used for 
the analysis of iron ores with iron wire. The end point obtained in iron 
titrations does not agree with the stoichiometric point as shown by elec- 
trometric titrations, but comes somewhat after the stoichiometric point. 
The deviation from the stoichiometric point cannot be compensated by 
an indicator blank, because the presence of iron is essential. If stand- 
ardization is made by use of iron samples the end-point error will cancel 
in the analysis of iron samples. 

Procedure. Weigh out approximately 5 g potassium dichromate, 
dissolve, and dilute to 1 1. Weigh accurately three 0.25-g portions of 
primary standard-grade iron wire, and transfer to 500-ml Erlenmeyer 
flasks. Dissolve in 10 ml hydrochloric acid. Heat the solution nearly 
to boiling, and add stannous chloride 9 solution, drop by drop, until the 
sample is decolorized. Avoid an excess of more than 1 drop. Cool com- 
pletely, and pour in rapidly 10 ml mercuric chloride 9 solution. Allow to 
stand 3-5 minutes. Pour in 300 ml of a solution containing 40 ml sul- 
furic acid and 15 ml 85 per cent phosphoric acid per liter. Add 0-8 drops 
diphenylamine sulfonic acid indicator, and titrate with dichromate solu- 
tion, adding the reagent very slowly and with constant swirling of the 
solution in the flask. When the color begins to change, add dichromate 
a drop at a time. The end point is marked by the first appearance of a 
purple or violet tinge. Compute the iron titer of the solution. 

Analysis of Iron Ore. Read carefully the directions of page 223 for 
the Zimmermann-Reinhardt process. The dichromate process is almost 
identical with the permanganate determination. 

Proceed as on page 223 with solution of the sample, reduction by stan- 
nous chloride, and addition of mercuric chloride solution. After the mer- 
curic chloride is added, allow to stand 3-5 minutes, and then add 300 ml 
of a well-cooled solution containing 40 ml sulfuric acid and 15 ml 85 per 
cent phosphoric acid per liter. Titrate immediately with standard di- 
chromate solution according to the directions given previously for 
standardization. Report the percentage of iron in the ore. 

POTASSIUM BROMATE 

Potassium bromate is a somewhat different type of oxidizing agent 
from those previously described. Although it has a high oxidation 
potential, it is not usually employed for the common reducing agents 
because the usual redox indicators will not give a correct end point. 

8 H. H. Willard and P. Young, Ind. Eng. Chem Anal. Ed., 7, 57 (1935). 

9 See page 222 for preparation of stannous chloride and mercuric chloride solutions 
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Reduction of Br0 3 “ in acid solution proceeds according to the equation, 
Br0 3 - + 6H+ + 6e = Br“ + 3H 2 0 
but this is followed by reaction with bromide ion, 

Br0 3 ” + 5Br” + 6H+ = 3Br 2 + 3H 2 0 

The liberated bromine reacts irreversibly with the indicator. 

It is possible to titrate certain reducing agents (such as trivalent 
arsenic and antimony) with bromate by using as indicator a dye that is 
readily brominated by the Br 2 set free when there is an excess of KBr0 3 
present. In most of such determinations, however, it is preferable to 
employ one of the oxidizing agents that can be used with the standard 
redox indicators. The unique uses of KBr0 3 are based on reactions of 
the Br 2 which is quantitatively liberated when KBr0 3 is added to an 
acidified solution of KBr. Certain organic compounds, such as the 
phenols, take up bromine rapidly and quantitatively, and they can be 
determined by the amount of Br 2 taken up. Potassium bromate pro- 
vides a convenient method for adding Br 2 in known amount (use of a 
bromine solution Is not feasible because of its volatility). 

It has been found that a number of dyes can be used as indicators 10 
in bromate titrations; a requirement is that the dye molecule take up 
bromine rapidly and that on bromination it undergo a color change. In 
titrations using this type of indicator it is necessary, of course, that the 
sample be a stronger reducing agent than bromide ion, so that no bro- 
mine is liberated until the stoichiometric point is passed. Considerable 
skill is required in titrations made with indicators of this type. Reagent 
must be added slowly as the end point is approached, to avoid local 
excess of reagent and permit time for bromination to occur. Usually it 
is preferable not to seek a deadstop end point but to add an excess of 
KBr0 3 and to determine the amount of the excess of Br 2 or KBr0 3 
iodometrically by adding KI and titrating the liberated iodine with 
standard thiosulfate, using starch indicator. This procedure gives good 
end points and reproducible titrations. 

The most important application of potassium bromate as an oxidation 
reagent is for indirect determinations of metals that can be precipitated 
with 8-hydroxyquinoline (abbreviated 8HQ). The metal is precipitated 
as described on page 402. After filtration and washing, the precipitate 
is dissolved in hydrochloric acid, and the amount of 8HQ is determined 

10 Smith and Bliss, J. Am. Chem. Soc 53, 2091 (1931) have investigated many 
dyes. They list those found most suitable. 
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by bromate titration. The reactions are, if Mg is used as example, 

Mg(C 9 H 6 ON) 2 + 2H+ = Mg ++ + 2C 9 H 7 ON 

2C 9 H 7 ON + 4Br 2 = 2C 9 H 5 ONBr 2 + 4H+ + 4Br~ 

It is seen from the equation that each mole of Mg requires eight equiv- 
alents of bromine which in turn are liberated by eight equivalents of 
bromate. Therefore, the equivalent weight of Mg is the atomic weight 
divided by eight. The equivalent weight of KBr0 3 is of course KBr0 3 /6. 

Procedure. Preparation of Standard Solution. Solutions of 
KBr0 3 can be standardized by titration against weighed portions of 
arsenious oxide, but because of the indicator difficulty previously men- 
tioned it is preferable to make up the solution of known normality by 
dissolving a weighed portion of recry st alii zed I\Br0 3 which has been 
dried at 150-170 o C. 

Recrystallize 5 g reagent-grade KBr0 3 , and dry at 150°C in an oven. 
Accurately w r eigh out a sample of about 2.8 g, and make up in a volu- 
metric flask to exactly 1 1. Compute the normality. The equivalent 
weight is 167.01/6 or 27.835 g. 

Procedure. Determination of Magnesium by Bromate Titra- 
tion of 8-Hydroxyquinoline Precipitate. Precipitate, filter, and 
wash as described on page 402, using a Solas or Gooch crucible. When 
washing is complete, replace the filter flask by a clean one. With suc- 
tion off, fill the crucible about half full with 2 N HC1 solution. After a 
moment turn on the suction, and suck dry. Repeat until the liquid 
comes through colorless. 

Compute from the weight and approximate percentage of the sample 
the weight of magnesium 11 in the solution. Transfer the solution to a 
volumetric flask, and take an aliquot portion of proper size to contain 
10-14 mg of magnesium. Put the portions in glass-stoppered flasks for 
titration. 

Add 1 g powdered KBr and a few drops of methyl red indicator. 
Titrate slowly with standard bromate solution until there is a distinct 
color change, and then add 0.5 to 1 ml additional. Stopper the flask, and 
allow to stand 2 minutes. Read the buret. Add 1 g KI, and restopper 
the flask. Swirl the liquid until the KI dissolves. A precipitate of 
an iodine compound with the bromination product of 8-hydroxy- 
quinoline forms at this point, but it disappears when the iodine is re- 
moved by titration. Titrate with standard thiosulfate solution until 

11 In a dolomite analysis the approximate weight of MgO can be gotten by difference 
after the percentages of the other constituents are known. 
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the color of iodine begins to fade, then add starch indicator, and com- 
plete the titration. 

Compute the milliequivalents of KBrC>3 and Na 2 S203 used. The 
difference gives the milliequivalents of magnesium in the aliquot por- 
tion. Report the percentage of MgO in the sample. 

QUESTIONS 

1. What are the advantages in the use of ceric sulfate or potassium dichromate 
for the determination of iron? 

2. What are the requirements of a redox indicator? What redox indicator should 
be used for ceric titrations? For dichromate titrations? 

3. List the standards that may be used for ceric sulfate solutions. Why is it pref- 
erable to use iron for the standardization if the solution is to be used for iron analyses? 
Why cannot ordinary commercial iron be used for the standardization? How might 
pure ferric oxide, prepared by precipitation from C. P. ferrous ammonium sulfate, 
be used for the standardization? 

4. Why should dichromate solutions be standardized by iron if intended for use 
in iron analyses? 

5. Why is phosphoric acid added in dichromate titration of iron? Why is it not 
necessary to use preventive solution? 

6. List several solutions for which AS2O3 is a satisfactory standard. 


PROBLEMS 

1. What is the normality of a ceric sulfate solution if 42.75 ml is required to titrate 
0.2500 g 99.3 per cent Na2C204? What weight of pure AS2O3 would react with 35.00 
ml of the ceric solution? 

2. How many milliliters of 0.1000 M Ce(HS04)4 solution are equivalent in oxidizing 
power to 25.00 ml 0.02000 M K^C^Cb solution? 

3. What are the normality and molarity of a K^C^Cb solution, 35.5 ml of which is 
equivalent to 0.4162 g 99.7 per cent pure Fe? 

4. What weight of sample should be taken for analysis so that each 2.000 ml 
0.1000 N ceric solution represents 1.000 per cent Fe203 in an ore? 

5. From the following data calculate the percentage of Fe203 in a sample of 
limonite: 

Weight of sample 0.6170 g 

Volume of K^C^Cb 47.56 ml 

Volume of FeS0 4 2.85 ml 

1.000 ml FeS0 4 is equivalent to 1.021 ml K^C^Cb 
The Fe titer of E^C^Cb is 6.299 mg per milliliter 

6. What is the percentage of iron in the limonite sample of Problem 5? 

7. A 0.2620-g sample of chromite (FeO-C^Cb) was fused with sodium peroxide, 
and the resulting chromate solution was treated with 49.21 ml 0.1422 V ferrous 
sulfate solution; 4.08 ml of 0.0711 N di chromate solution was required to titrate the 
excess ferrous sulfate. Calculate the percentage of chromium in the ore. 
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8. What is the normality of a solution of potassium dichromate of such strength 
that the volume of solution used (in milliliters) gives the percentage of iron in the 
sample, when the analysis is performed on a 0.5000-g sample. If this solution is used 
for the analysis of a 0.7500-g sample, how is the volume of solution related to the 
percentage of iron in the sample? 

9. Calculate the percentage of iron in a limonite sample, 0.4216 g of which requires 
43.16 ml of 0.01687 M dichromate solution. 

10. What is the largest weight of iron ore containing 20 per cent of limonite 
(2Fe2G3 • 3H2O) and 30 per cent of siderite (FeCOs) that can be taken for analysis 
without refilling a 50-ml buret with 0.0962 N ceric sulfate solution? 

11. How many milligrams of AS2O3 will react with a 1/5 aliquot of a solution made 
by dissolving 5.000 g KBr03 in 250.0 ml? 

12. How many grams of KBr03 are present in 0.700 1. of 0.2000 N solution? 

13. What is the equivalent weight of aluminum in the estimation of the metal by 
the bromometric titration of the hydroxyquinoline precipitate? The precipitate is 
Al(oxine)3. 

14. Find the percentage of MgO in a 0.5000-g sample of limestone from the 
following: 

Normality of KBr0 3 0.1100 

Normality of Na2iS20 3 0.1200 

Volume of KBr0 3 25.00 ml 

Volume of Na2S20 3 1-25 ml 



CHAPTER 



Equilibria in Oxidation-reduction 

Reactions 


It was shown in Chapter 11 that the various oxidizing and reducing 
agents vary in their tendencies to take up or lose electrons and that in 
general the substances which possess the greatest tendencies to take up 
electrons will oxidize substances whose electrons can be readily removed. 
It was pointed out that oxidizing and reducing agents can be arranged 
in such an order that each substance will oxidize those above it and re- 
duce each substance below it. Such an arrangement is shown in Ta- 
ble 25. A condensed form of this table has been discussed in general 
chemistry under the title “Electromotive Series of the Metals.” 

In the present chapter we shall consider the quantitative relations 
which determine the equilibrium conditions for oxidation-reduction or 
“redox” reactions. Every oxidation-reduction is a reversible reaction, 
and therefore none goes entirely to completion. For all practical pur- 
poses many such reactions are essentially complete, but even in an 
extreme case, the oxidation of sodium metal by hydrogen ion, 

Na + H+ = Na+ + ^H 2 

the concentration of hydrogen ion does not become zero; it has a finite 
but small value when equilibrium is reached. 


OXIDATION-REDUCTION POTENTIALS 

The tendency of a given atom or ion to acquire electrons may be 
evaluated numerically in a number of ways. All these are based on the 
measurement of an electric potential which is set up when two oxidation- 
reduction systems are so arranged that the electron transfer must take 
place through a conductor. The arrangement of such a system is shown 
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in Fig. 23. A solution of an oxidizing agent is placed in one beaker 
and a solution of a reducing agent in the other beaker. A conducting 
electrode is placed in each beaker, and the two solutions are connected 


by a salt bridge, an inverted 
U-tube filled with a solution of an 
electrolyte. 

The operation of the system is 
readily followed by considering a 
specific example. Let us assume 
that A is a solution of copper 
sulfate in contact with a copper 
electrode and that B contains a 
zinc electrode in a zinc sulfate 
solution. Zinc atoms tend to lose 
electrons and become zinc ions. 
When this occurs, electrons are 
given up, and they flow through 
trode, where they unite with cupr: 
electrode reactions are: 



Fig. 23. Electric potential of oxida- 
tion-reduction system. 


the conductor to the copper elec- 
c ions to form copper metal. The 


Zn = Zn ++ + 2e 


Cu ++ + 2c = Cu 


and the over-all reaction is 


Zn + Cu ++ = Zn + + + Cu 

The salt bridge is an essential part of the system since it provides a 
means for the transfer of ions from one solution to the other. The cell 
cannot operate without the transfer of ions, for otherwise zinc ions will 
accumulate in one beaker and sulfate ions in the other — which would 
lead to an impossible condition, because in any solution the sum of the 
positive charges must equal the sum of the negative charges. As the 
cell operates, negative ions migrate from the copper solution to the 
zinc solution, and positive ions from the zinc to the copper solution. 

It is, of course, obvious that the oxidation of zinc by cupric ions can 
also take place by direct electron transf er if a strip of zinc is immersed 
in a copper sulfate solution. Then the reaction is the same as in the 
operation of the battery, but no electric work is don e. An electri c 
batt ery is merely an arrangement to carry out the oxidation and the 
reduction separately. Any oxidation-reduction reaction may be used 
for the production of electric energy. 

When an oxidation-reduction reaction is carried out as previously 
described, a potential difference exists between the two electrodes. It 
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is this difference in potential which causes the electrons to travel from 
zinc to copper (flow of current). This potential difference can be meas- 
ured by attaching the electrodes to the terminals of a voltmeter or po- 
tentiometer (see page 467). The unit of potential, in practical work, is 
the volt which is the difference in potential that causes a current of 1 
ampere to flow through a resistance of 1 ohm. 

The magnitude of the potential difference between the zinc and copper 
electrodes depends on several factors: 

1. Most important is the relative tendency of the zinc atom to lose 
electrons and the tendency of the copper ion to gain electrons. If zinc 
is replaced by iron, the voltage of the cell is decreased because iron 
atoms have less tendency to lose electrons than zinc atoms. Conversely, 
if the copper-copper-ion system is replaced by a silver-silver-ion sys- 
tem, the voltage is increased because silver ion is a stronger oxidizing 
agent than cupric ion. 

2. The concentrations of the zinc and cupric ions in the solutions 
affect the potentials. Since zinc goes into solution as the cell operates, 
it can be predicted from the principle of Le Chatelier that a decrease in 
the zinc-ion concentration will increase the tendency of the atoms to go 
into solution and increase the voltage of the cell. Conversely, since 
cupric ion goes out of solution, an increase in its concentration will in- 
crease the voltage and a decrease in cupric-ion concentration will reduce 
the voltage. These effects can be readily shown experimentally. If 
hydrogen sulfide is added to the zinc solution, the potential rises be- 
cause precipitation of ZnS reduces the zinc-ion concentration. Addition 
of hydrogen sulfide to the cupric sulfate solution causes a decrease in the 
voltage. Addition of KCN solution to the cupric half-cell will cause 
the cupric-ion concentration to become so low that the voltage of the 
cell will change in sign, and copper now goes into solution while zinc 
goes out of solution. The reaction is 

Cu ++ + 3CN~ = Cu(CN) 2 - + iC 2 N 2 

3. Other factors, of minor importance in the present discussion, are 
the effects of temperature and of the potential difference which exists at 
the boundary between two solutions of electrolytes. We shall confine 
the present discussion to systems at constant temperature, 25 °C, and 
shall neglect the small contribution of the liquid junction potential to 
the over-all voltage of the cell. 

SINGLE ELECTRODE POTENTIAL 

The tendency of any oxidation-reduction reaction to proceed may be 
quantitatively evaluated by separating the oxidizing and reducing 
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Single Electrode Potential 

agents and measuring the potential difference between electrodes im- 
mersed in the two solutions. It is not necessary that the electrodes 
participate in the reactions, as in the zinc-copper system previously 
mentioned. If the oxidation and reduction involve only a change in 
valence of ions, the electrode may be any inert conductor, which acts 
merely to receive or supply electrons. For example, a cell may be set 
up to give the reaction: 

Ce++++ + Fe ++ = Ce +++ + Fe +++ 

Ceric ions are placed in one of the beakers and ferrous ions in the other. 
Inert platinum electrodes are immersed in the two solutions, and a salt 
bridge is used to connect them. At one electrode ferrous ions give up 
electrons which flow through the conductor to the other electrode where 
they react with ceric ions. 

Fe ++ - e = Fe +++ 

Ce ++++ _|_ e = Ce +++ 

The over-all reaction is as given above. The electrode immersed in the 
ceric salt solution is the positive one since electrons flow in the conduc- 
tor to this electrode. 

From the potential of an oxidation-reduction cell, such as described 
in the preceding sections, the equilibrium constant for the chemical 
reaction can be computed. It is not necessary, however, to set up a cell 
and make the measurement. It may be recalled that in the equilibria 
of neutralization reactions the ionization constants for the weak elec- 
trolytes could be used to compute the pH values for any solutions of 
any concentration. Similarly, it is possible to compute the potentials 
and the equilibrium constants for any desired oxidation-reduction sys- 
tem from tabulated data. The data in this case are the single electrode 
or half-cell potentials. A half-cell must contain both the reduced and 
oxidized form of the reagent involved, plus an inert electrode if one of 
the forms of the reagent is not itself a conductor. Thus a half-cell 
which refers to copper as an oxidizing agent consists of a strip of metallic 
copper bathed by a solution of a cupric salt; the metal is the reduced 
form of the oxidation-reduction half reaction (or couple) of which 
Cu ++ is the oxidized form. A half-cell which involves the ferrous- 
ferric ion equilibrium contains platinum or other inert conductor im- 
mersed in a solution which has both ferrous and ferric ions. 

When a cell is set up as described in the preceding sections, the over- 
all potential is the difference between the single-electrode potentials of 
the two half-cells, 


Ei~2 — 
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It is not possible to measure the single-electrode potential experimen- 
tally, since to make a measurement one needs two electrodes so arranged 
that a current can flow from one to the other. For the system electrode- 
solution there is only one electrode. What one can measure is the dif- 
ference in single-electrode potentials, by setting up a complete cell con- 
sisting of two half-cells, and measuring the over-all emf. If, however, 
some single-electrode potential is arbitrarily selected as standard and 
given a value of zero, then the value of any other single-electrode poten- 
tial can be determined with reference to the standard by combining the 
desired cell with the selected reference cell and measuring the over-all 
potential. For example, the potential of the copper-zinc cell is about 
1.10 volts. If the zinc half-cell were selected as standard and given a 
value of 0.00 volt, then the emf of the copper cell would be given by the 
relation, 

1.10 = Ezn — Ecu 

or 

Ecu — —1.10 volts 

The standard electrode to which all single-electrode values are re- 
ferred is the “normal hydrogen electrode.” It consists of a platinum 
electrode in contact with hydrogen gas at a pressure of 1 atmosphere 
and hydrogen ion at a concentration of one molal (strictly speaking, the 
gas and solution are both at unit activity, but essentially the pressure 
and concentration are both unity). Equilibrium between the gas and 
solution is brought about by use of an electrode coated with a deposit 
of finely divided platinum which serves as a catalyst for the reaction, 

H+ + e = iH 2 


CONVENTIONS 

There are two numerical potential values associated with every half- 
cell, one positive and one negative , just as a dry cell may be said to have 
a voltage of +1.5 or —1.5 volts, depending on how the terminals are 
connected to a voltmeter. It is, therefore, necessary to specify conven- 
tions in regard to the sign of potentials and to follow these conventions 
at all times. It is immaterial what conventions are used so long as one 
is consistent; inspection of various books shows some variations. We 
shall in this text follow the conventions 1 which are most widely used in 
more advanced works, but the student should realize that in using 
data from other books he should note the author's conventions. 

1 See W. M. Latimer, The Oxidation States of the Elements and Their Potentials in 
Aqueous Solutions , Prentice-Hall, 1938. 
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Before giving the electrical conventions, we should summarize the 
notations used to represent cells and half-cells. A half-cell is written as 

Electrode, solution (xM) 

where the comma indicates a phase boundary. If there are more than 
two phases, as in a gas-solid-liquid system, commas are used for each 
junction. Thus 

Pt, H 2 (gas), H + solution 

is used to represent the hydrogen electrode. 

When two half-cells are combined, the second is written in reverse 
order. If a liquid junction between two solutions is present, it is repre- 
sented by two vertical lines. Thus the copper-zinc cell previously dis- 
cussed is written as 


Zn, Zn++(xM) || Cu ++ (yM), Cu 

Potentials of half-cells are represented by the symbol E , or, if the 
reactants are at standard state, by E°. Over-all potentials of whole 
cells are given as £'i_ 2 or U°i_ 2 . 

The conventions of this book are as follows: 

1. Each couple or half-cell is written with the electron on the right- 
hand side. That is: 

Li = Li + + e E° = 3.02 volts 

If the half-cell is written in reverse order, the voltage is given the oppo- 
site sign, 

Li + + e = Li E° = —3.02 

2. A + value for E° when the cell is written with the electron on the 
right-hand side shows that the reduced form of the reactant is a better 
reducing agent than H 2 . Conversely a — sign indicates that the oxi- 
dized form of the reactant is a better oxidizing agent than H + . In gen- 
eral, any ion is a better oxidizing agent than the ions above it in Table 25. 

3. In combining two half-cells to obtain the over-all emf of a whole 
cell, 

(a) Write each half-cell reaction as in Table 25. 

(b) Subtract the half-cell reaction of the right-hand electrode from 
that of the left-hand electrode; also subtract the half-cell potentials. 

For example, to find the standard-state potential of the cell, 

Cu, Cu ++ (1 M) || Zn++(1 M), Zn 
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TABLE 25 

Standard Oxidation-Reduction Potentials 

All values have been rounded off to one or two figures after the decimal point and 
without relation as to how accurately they are known. For a more complete table 
and more precise values see Oxidation Potentials. 


Couple 

E° 

Li = Li + 4 e 

3.02 

Cs Cs + 4 e 

3.02 

K = K + + e 

2.92 

Ba = Ba ++ + 2e 

2.90 

Sr = Sr++ + 2e 

2.89 

Ca = Ca++ 4 2e 

2.87 

Na = Na + 4 e 

2.71 

20H- + Mg = Mg(OH ) 2 + 2e 

2.67 

Mg = Mg ++ + 2e 

2.34 

H“ = §H 2 + e 

2.23 

AI = AI +++ + 3e 

1.67 

Mn = Mn ++ + 2e 

1.05 

Zn = Zn++ + 2e 

0.76 

S" + 2Ag = Ag 2 S + 2e 

0.71 

Cr = Cr +++ + 3e 

0.71 

S“ + Hg = HgS + 2e 

0.70 

S“ = S + 2e 

0.51 

H 2 C 2 O 4 (aq) = 2CO, teas) 4 - 2 H+ 4 2e 

0.49 

LEc_= Fe^ 4 2 e^ 

H 2 = 2 lf r (To^ r M) 

0.44 

0.41 

Cr++ = Cr +++ 4 e 

0.41 

Cd = Cd++ 4 2e 

0.40 

21- 4 Pb = Pbl 2 4 2e 

0.37 

2Br“ 4 Pb = PbBr 2 4 2e 

0.28 

Co = Co ++ 4 2e 

0.28 

2C1- 4 Pb = PbCl 2 4 2e 

0.27 

Ni = Ni ++ 4 2e 

0.25 

v ++ = v +++ 4 e 

0.25 

I 4 Cu — Cul 4 o 

0.19 

1“ 4 Ag = Agl 

0.15 

Sn = Sn++ 4 2e 

0.14 

Pb = Pb ++ 4 2e 

0.13 

21 4 2 Hg — Hg 2 I 2 4 2e 

0.04 

4I~ 4 Hg = HgL” 4 2e 

0.04 

Fe = Fe +++ 4 3e 

0.04 

21“ 4 Cu = Cul 2 ~ 4 e 

0.00 

H 2 = 2 H+ 4 2e 

0.00 

Br _ 4 Ag = AgBr 4 e 

—0.07 

H 2 S = S 4 2 H+ 4 2e 

-0.14 

Sn ++ = Sn ++++ 4 2e 

-0.15 
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TABLE 25 ( Continued ) 

Standard Oxidation-Reduction Potentials 

Couple E° 

Cu + = Cu ++ + e -0.17 

Cl" + Ag = AgCl + e -0.22 

60H~ + I~ = I0 3 ~ + 3H 2 0 + 6e -0.26 

2C1“ + 2Hg = Hg 2 Cl 2 + 2e -0.27 

2C1- (1 M) + 2Hg = Hg 2 Cl 2 + 2e -0.28 

(normal calomel electrode) 

H 2 0 + V +++ = VO++ + H+ + e -0.31 

Cu = Cu++ + 2e -0.34 

Fe(CN)6“ = Fe(CN) 6 s + e -0.36 

2NH 3 (aq) + Ag = Ag(NH3) 2 + + e -0.37 

Cu = Cu + + e —0.52 

2I~ * 1 2 “I - 2e 0.53 

31 — I 3 "I - 2c 0.53 

2H 2 0 + HAs0 2 = H 3 As0 4 + 2H+ + 2e -0.56 

40H- + Mn0 2 = MnOr + 2H 2 0 + 3e -0.57 

H 2 0 2 = 0 2 + 2H+ + 2e -0.68 

Fe^ = Fe‘ FF:,r +e —0.77 

2ffg = H® ++ T 2e -0.80 

Ag = Ag + + e —0.80 

Hg = Hg++ + 2e -0.85 

Cul = Cu ++ + 1“ + e -0.88 

Hg 2 ++ = 2Hg++ + 2e -0.91 

HN0 2 + H 2 0 = NO3- + 3H+ + 2e -0.94 

2H 2 0 + NO = NO3- + 4H+ + 3e -0.96 

2Br _ = Br 2 (liq) + 2e —1.06 

2Br~ = Br 2 (aq) + 2e -1.09 

|I 2 + 3H 2 0 = IO3- + 6H+ + 5e -1.20 

2H 2 0 = 0 2 + 4H+ + 4e -1.23 

2H 2 0 + Mn++ = Mn0 2 + 4H+ + 2c -1.28 

Cl - = |C1 2 (gas) + e -1.35 

7H 2 0 + 2Cr +++ = Cr 2 0 7 “ + 14H+ + 6e -1.36 
3H 2 0 + Br“ = Br0 3 _ + 6H+ + 6e -1.44 

3H 2 0 + Cl- = CIOs" + 6H+ + 6e -1.45 

3H 2 0 + Pb ++ = Pb0 2 + 4H+ + 2c -1.46 

|C1 2 (gas) + 3H 2 0 = CIOs" + 6H+ + 5e -1.47 
Mn ++ = Mn +++ + e -1.51 

£Br 2 (liq) + 3H 2 0 = BrOs" + 6H+ + 5e -1.52 

4H 2 0 + Mn++ = Mn0 4 ~ + 8H+ + 5e -1.52 

Ce+++ = Ce ++++ + e -1.61 

2H 2 0 + Mn0 2 = Mn0 4 _ + 4H+ + 3c -1.67 

Pb ++ = Pb ++++ + 2e -1.69 

0 2 + H 2 0 = 0 3 + 2H+ + 2e -2.07 

2F~ = F 2 (gas) + 2e -2.85 
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write the half-cell reactions, and subtract. 


Cu = Cu ++ + 2e E° = —0.34 volt 

Zn = Zn ++ + 2e E° = 0.76 volt 


Cu + Zn++ = Cu++ + Zn i?V 2 = -1.10 volts 

If it is known in advance which is the reducing agent, it is preferable 
to set up the cell with the reducing agent on th e left, so that the sign of 
the over-all emf is positive. That is, the cell above should be set up as 

Zn, Zn + + || Cu ++ , Cu 

and the emf is then found to be +1.10 volts. It is obvious that the two 
ways are equivalent. 

4. When the two half-cell reactions are combined as in (3), the sign 
of the over-all emf indicates the polarity of the right-hand electrode. 
Thus, by either of the formulations above it is found that Cu is the posi- 
tive electrode. This means that in the external circuit connecting the 
two electrodes the electrons flow towards the copper pole. 

5. A + value of the over-all emf indicates that the chemical reaction 
obtained by combination of the half-cell reactions will go from left to 
right. Conversely a — sign indicates spontaneity of the reaction from 
right to left. Thus, when all substances are at standard state (see be- 
low) the reaction of the Zn-Cu cell is 


Zn + Cu + + - Zn++ + Cu 


STANDARD POTENTIALS 

In order to tabulate reference values for half-cell potentials one must 
specify the concentrations of all reactants since the value of cell emf 
depends on the concentrations. 

In all tables of standard electrode potentials all reactants are at unit 
activity unless otherwise stated. By activity is meant the effective con- 
centration, expressed as the ratio to the concentration that has been 
arbitrarily chosen for standard state. It is beyond the scope of this 
text to explain the various methods used to relate actual concentrations 
to activities, since our purpose is not to make exact computations but 
rather to show how approximate values of equilibrium constants can be 
computed from potential values. For our purposes unit activity may 
be defined as follows: 
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1. A pure liquid or solid is at unit activity. When it is not pure, the 
effective concentration is given by the mole fraction, as defined by the 
relation: 

number of moles A 

Mole fraction of A = — 

total number of moles 

Thus, if 23 g Na is dissolved in 200 g Hg, the mole fraction of each con- 
stituent is 0.5. In a 1 M solution H 2 0 has a mole fraction of 55.5/56.5, 
but usually in computations it is taken as 1. 

2. A gas is at unit activity when at a pressure of 1 atm. The partial 
pressure of a gas, in atmospheres, is taken as its effective concentration 
when it is not at unit activity. Thus the effective concentration of ox- 
ygen in the atmosphere is approximately 0.2 since its partial pressure is 
about 0.2 atm. 

3. A solute is at unit activity when the concentration is 1 molar (more 
exact is when the concentration is 1 mole per 1000 g of solvent, but, 
since neither takes account of deviations from the laws of perfect solu- 
tions, we will use 1 molar as an approximation). At other concentra- 
tions the activity is considered to be the molarity. 

The value of the activity to be used for a saturated solution depends 
on the standard state employed for the standard potential. It may be 
either the molar concentration, if standard state were taken for a 1 If 
solution, or unity, if standard state were taken for pure solid. For ex- 
ample, E° for the cell, 


Hg, Hg 2 Cl 2 , KC1 (1 M) 

is for solid Hg 2 Cl 2 in equilibrium with its saturated solution in 1 M KC1. 

Standard half-cell potentials for a variety of oxidation-reduction 
reactions are given in Table 25. These are for a temperature of 25°C 
and with all reactants at unit activity. 

The values of Table 25 are not absolute, for as previously stated the 
absolute values are not known. All that can be determined by present 
experimental methods is the relative value of the potential of a given 
half-cell in relation to some other half-cell, since the measurement of 
potential requires that a whole cell be used. It is conventional to ex- 
press all relative half-cell potentials in terms of the standard hydrogen 
electrode which is arbitrarily given a value of zero. To determine any 
other half-cell potential it is necessary only to measure the potential of 
the cell, 


Unknown cell || H + (unit activity), H 2 (unit pressure), Pt 
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and, since the right-hand side is given a value of zero, the over-all emf 
is the numerical value of the left-hand side. 

In practice, it is not easy to construct a hydrogen electrode with all 
reactants at unit activity. Consequently, it is customary to employ a 
reference electrode whose emf is accurately known in relation to a 
standard hydrogen half-cell. Several such reference electrodes are used. 
All employ the system, 

Metal, insoluble salt, solution with ion common to salt 

This has the advantage that it is easily reproduced from one laboratory 
to another since the amount of metal ion in solution, which determines 
the emf, is governed by the solubility-product principle. The two most 
widely used of the reference electrodes are the couples: 

Ag, AgCl, HC1 

Hg, Hg 2 Cl 2 , KC1 

The most common Ag, AgCl, HC1 reference half-cell contains 0.1000 
N HC1. At 25 °C its voltage is —0.2221 volt. If a cell, 

Ag, AgCl, HC1 (0.1 N ) || unknown half-cell 

is set up, the voltage E x of the unknown half-cell is related to the over- 
all cell voltage £'i_ 2 by 

E x = -0.2221 - Ei- 2 

wherein the algebraic sign of is determined by the polarity of the 
unknown half-cell. 

The calomel half-cell reference electrode commonly employs three 
different concentrations of KC1, namely: saturated, normal, and deci- 
normal. The voltages of the calomel reference half-cells at 25 °C are: 

Saturated KC1 —0.2458 

Normal —0.2847 

Decinormal — 0.337 6 

ANALYTICAL APPLICATIONS 

Many useful computations may be made with the aid of a table of 
oxidation-reduction potentials. Some of the more important applica- 
tions to analytical chemistry are illustrated in the following sections. 

Direction of Reaction. Since all oxidation-reduction reactions are 
reversible, a given substance may function as either an oxidizing or a 
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reducing agent, depending on whether it takes up or gives off electrons. 
The standard potentials of Table 25 enable one to compute what reac- 
tion will occur when two reagents are brought together. This is done 
by formulating a cell involving the reagents in question (so that, as the 
cell operates, the reagents interact) and computing the emf of the cell. 
We will consider first the case that all constituents are at standard state. 
To illustrate, consider the reaction of Fe +++ with Cl"”. In which direc- 
tion will the following reaction go? 

Fe +++ + Cl” = |C1 2 + Fe ++ 

Solution: Set up a cell to give the desired reaction, 

P t, Cl 2 (gas), Cl" || Fe++ + Fe+ + +, Pt 

Write down the two half-cell reactions as given in Table 25, and subtract the one 
for the right-hand side from the one for the left. 

er = iCl 2 + e E° = —1.35 

Fe++ = Fe+++ + e E° - -0.77 

Cl~ + Fc +++ = 3012 + Fe ++ E°u 2 = -0.58 

Reference to the conventions of page 268 shows that (1) the chlorine 
electrode is positive, and (2) the reaction goes from right to left, or Cl 2 
oxidizes Fe+ + . Note that, if the reaction had been written in the 
opposite way, the same interpretation would have resulted. It makes 
no difference which of the half-cells is set down on the left-hand side. 

In the more general case all reactants are not at standard state, and 
allowance must be made for the effect of the concentrations on the direc- 
tion of the reaction. 

The relation of concentration to the emf of a cell is given by the classi- 
cal Nernst equation, 

0.059 

Ei -2 = E°l -2 loglO Q 

n 

where n is the number of electrons involved in the reaction, the constant 
0.059 is a composite value for several constants when the temperature 
is 25 °C, and Q is the product of the activities of reaction products 
divided by the product of the activities of the starting substances, each 
activity raised to a numerical power equal to the coefficient of the num- 
ber of molecules involved in the chemical equation. 

This equation may for illustration be used to compute the emf of the 
ferrous ion-chlorine system at given concentrations of the various re- 
actants. For example, will Cl 2 gas at 1 atm oxidize Fe ++ when its con- 
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centration is 0.01 M, in a solution in which the concentrations of Fe +++ 
and Cl~ are each 2 Ml 


Solution: 


Z?l_2 


0* 059 J ( a Cl2)^( Q Fe++) 

1 (&C1 - ) (^Fe+ ++ ) 


Since wc are using the concentrations as approximate values of the activities, we 
can substitute the values previously given. Then 


El-2 


-0.58 - 0.059 log 


(1)K(0.01) 

(2)(2) 


= -0.58 - 0.059 log 2.5 X 10“ 8 


= -0.58 - 0.059(0.40 - 3) 


« —0.43 


The negative value indicates that the reaction will proceed from right 
to left, as written when the standard cells were combined. The smaller 
value of Z?i -2 shows that there is less tendency for the reaction to go at 
the specified concentrations than when all reactants are at standard 
state. In other words, the increase in concentration of Cl~ and Fe +++ 
inhibits the tendency of the reaction to proceed, and the decrease of 
the reactant Fe ++ aids in this effect. Had we made the concentrations 
of Fe +++ and Cl — very large and the concentration of Fe^" 1 " very small, 
it would have been found that the reaction goes spontaneously in the 
opposite direction, or that Fe +++ will oxidize Cl~. 

Equilibrium Constant for Redox Reactions. If a cell is short- 
circuited by the electrodes being connected with a conducting wire, 
reaction will proceed until the voltage becomes zero. At this point the 
concentrations of reactants have, of course, changed, and the reaction 
has reached a condition of equilibrium. The product term Q is then 
the equilibrium constant K e . That is, at equilibrium E \ - 2 is zero, and 


0 = E° i_ 2 


0.059 

n 


log if e 


log K e = 


tlE° i_2 
0.059 


We may, therefore, use the single-electrode potentials to compute the 
equilibrium constant for an oxidation-reduction reaction. To illus- 
trate, consider the reaction, 

Zn + Cu+ + = Zn+ + + Cu 
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15 Completeness of Reaction 

Solution: Set up cell to give the reaction, and solve for 2?°i_2. 

Zn, Zn ++ || Cu ++ , Cu 

Zn = Zn++ + 2e E° « 0.76 
Cu = Cu ++ + 2e E° = -0.34 


Zn + Cu ++ = Zn ++ + Cu E° i_ 2 - 1.10 


At equilibrium, 


0 = 


1.10 - 


0.059 


log 


[Zn +4 ~] 

[Cu ++ ] 


Solving gives 


0.059 

1.10 log K e 


l0 gK e = 


2 

1.10X2 


= 37.3 


0.059 

K e = 10 37 - 3 = 10 03 x 10 37 
= 2.0 X 10 37 


Completeness of Reaction. The evaluation of K e for a redox reac- 
tion makes it possible to compute the completeness of the reaction under 
specified conditions. This is important in analytical procedures, for 
frequently we wish to know how completely a sought ion is oxidized 
when the stoichiometric amount of reagent has been added in a titration. 
To illustrate, we will first consider the oxidation of ferrous ion by per- 
manganate in acid solution, which we already know from experience to 
be a feasible laboratory determination. For the computation we shall 
arbitrarily select conditions outlined in the following problem. 

Problem. A 5 m mol sample of Fe 4 "^ is titrated with KMnCh in acid solution, 
with a final volume of 200 ml at the stoichiometric point. Concentration of H 4 " 
is 1 M . 

We shall compute the concentration of Fe 4 ' 4 ' remaining unoxidized at the stoi- 
chiometric point. 

Solution: First formulate a cell to give the desired reaction. It is convenient always 
to put the reducing agent on the left-hand side: 

Pt, Fe ++ + Fe +4 " + || Mn0 4 “ + H+, Pt 

Write down the half-cell reactions, and subtract in the usual manner to obtain the 
value of E°i —2 associated with the chemical reaction. Before the subtraction is 
made, it is necessary to balance the two half-cell reactions so that the same number 
of electrons is involved in each. In so doing we do not change the value of E° for 
the half-cell but merely change the number of moles involved in the reaction. The 
emf does not depend on the number of moles present, but merely on the concen- 
trations of the reactants. 
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5Fe++ = 5Fe +++ + 5e E° = -0.77 

Mn ++ + 4H 2 0 = Mn0 4 ~ + 8H+ + 5e E° = -1.52 

5Fe ++ + Mn0 4 ~ + 8 H+ = 5Fe +++ + Mn++ + 4H 2 0 = 0.75 

Then, at equilibrium, 

0 _ 0 75 0*059 (fl Fe -HH-) 5 (aMn-H-) ( q H 2 o ) 4 

5 (®Fe++) 5 ( a Mn 0 4 -)( a H +) 8 

= 0.75 

Solving gives 

It is now necessary to evaluate the concentrations in the solution and as an approxi- 
mation to substitute these concentrations for the activities. It should again be 
emphasized that such a procedure is at best an approximation, since the activities 
are not the same as the molar concentrations, but for our purposes this approximation 
is justified. 

[Fe +++ 1 = 5/200 = 2.5 X 10 ~ 2 . Practically all of the original 5 m mol Fe ++ is 
oxidized when the stoichiometric point is reached. 

[H 2 O] aa 1 . Here and in future we shall represent all activities by the concentra- 
tion symbol, since for many substances we arc using the concentrations for activities. 
Actually the concentration of water is 1000/18 or 55.5 moles per liter, but it will be 
recalled that in the treatment of oxidation equilibria each activity must be given in 
terms of the value that has been selected as standard state in the determination of E°. 
Standard state for water is as the pure liquid. Here again an approximation has 
been introduced for in the titration solution the mole fraction of water is not unity. 
Actually it is near 55.5/56.5 since the concentration of hydrogen ion is 1 M and other 
ions are present in low concentration. But the value is so near unity that the approx- 
imation is justified. 

[Mn ++ ] = 1/200 = 0.005. For each 5 moles of Fe +++ formed in the reaction 
there is 1 mole Mn ++ (see equation). 

[Mn0 4 “] = X, 

[Fe ++ ] = 5X. We see from the equation that, when stoichiometric amounts of 
Mn(> 4 ~ and Fe ++ are mixed, the number of moles of Fe ++ remaining unoxidized 
is 5 times the number of moles of Mn 04 ~. 

[H + ] = 1 . This is the concentration specified in the statement of the problem 
and is about the final concentration present in actual permanganate titrations. 
Substitution of these values gives 

(2. 5 X 10~ 2 ) 5 (5 X 10~ 3 )(1 ) 4 = 63 6 

(5X) 6 (X)(1 ) 8 

Solving, we have 

x - icr 13 8° - io O M x io~ 14 


0.059 


log A' e 


K e = 10 63 - f 


Therefore, 


= 1.6 X 10 ~ 14 
[Fe++] = 8.0 X 10 ~ 14 



15 


279 


Completeness of Reaction 

This computation shows that the concentration of ferrous ion remain- 
ing unoxidized at the stoichiometric point of the titration is negligibly 
small or that the reaction is quantitatively complete. Actually the 
calculation is not at all exact, for we have ignored another reaction that 
occurs simultaneously, namely, the removal of ferric ion as a complex 
with chloride and phosphate ions that are present in the solution. The 
effect of these side reactions is to make oxidation of ferrous ion even 
more quantitative than is indicated in the present computation. 

As a second case we will consider the oxidation of chloride ion by per- 
manganate ion. 

Problem. Five millimoles of Cl - is titrated by 0.02 M permanganate. The 
final volume is 250 ml. What is the concentration of Cl~ when 1 drop (0.05 ml) of 
permanganate is present in excess? Assume a hydrogen-ion concentration of 1 M. 

Solution: Set up the cell, 

Pt, Cl* Cl" || Mn++, Mn0 4 ~, H+, Pt 

5C1“ = |C1 2 + 5e E° = -1.35 

Mn ++ + 4H 2 0 = Mn0 4 “ + 8H+ + 5e E° - -1.52 


MnOr + 8H+ + 5Cr = |C1 2 + Mn++ + 4H 2 0 E° i_ 2 = 


At equilibrium, 


0 - 0.17 - 


0.0591 [Cl 2 ]^[Mn ++ ][H 2 0] 4 

5 ° g [Mn0 4 “][H+] 8 [Cl-] 6 


K e = 10 14 * 38 


0.17 


Substitute the concentration values: The molar concentration of chlorine is 0.01 (2.5 
m mol Cl 2 in 250 ml) if it is assumed for the calculation that all the Cl~ ion is oxi- 
dized. But since the standard state for Cl 2 is a gas at 1 atm, it is necessary to state 
the activity in the same terms. The solubility of Cl 2 is given as 0.0618 M , at a par- 
tial pressure of 1 atm. Therefore a solution in which the concentration is 10“ 2 M 
is in equilibrium with gas at a pressure of 10~ 2 /0.0618 or 0.16 atm, or oci 2 == [Cl 2 ] 
= 0.16. 


[Mn++] - 4 X 10- 8 
[H 2 0] = 1 
[H+] - 1 

[Mn0 4 “] = 4 X 10" 6 
[C1-] = z 


(4 X 10~ 3 )(0.16)^(1) 4 _ 14 

(4 X 10- 6 )(1)W 


(0.16) m 

10- 3 (X) 6 

(0.16) w 

(X) 5 


= 10 14 - 38 


= 10 11 - 38 
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= 10 2.28 
X 

^ = 10 2 ' 28 = 1.91 X 10 2 

A 

x = 2.1 x icr s 

The result of this calculation shows that the original assumption of 
complete oxidation of Cl” was not justified. If a more exact solution 
were desired, it would be necessary to make a correction for the unox- 
idized chloride ion, the concentration of Cl 2 becoming 10“ 2 — X/2, and 
to solve the equation again. This is hardly necessary, since the compu- 
tation has shown that the concentration of Cl” remaining in solution is 
so large that the titration cannot be quantitative. 

If it is desired to make a similar computation for the completeness of 
oxidation of bromine ion by permanganate, it is necessary to express the 
concentration of Br 2 as the degree of saturation of the solution. The 
solubility of bromine is about 0.16 M, In a 0.01 M solution, therefore, 
the activity of Br 2 is 0.01/0.16 or 0.062. All other activities in the 
bromine computation would appear just as in the chlorine computation. 


REDOX INDICATORS 

It may be recalled that acid-base indicators are weak organic acids or 
bases which exhibit a color change when salt formation takes place 
through neutralization. Similarly, redox indicators are highly colored 
organic substances which change in color when oxidized or reduced. As 
is true of any other oxidizing agent, an oxidation potential is associated 
with each indicator. The standard potentials for some of the more 
widely used indicators are given in Table 26. When hydrogen ion takes 
part in the indicator reaction, the standard potentials are given for unit 
activity of hydrogen ion. 

TABLE 26 

Partial List of Oxidation-Reduction Potentials for Redox Indicators 


Color Change Transition 

Indicator on Oxidation Emf in volts 

Diphenylamine Colorless to violet —0.76 

Barium diphenylamine sulfonate Lightgreen or colorless 

to red-violet —0.84 

Ferroin (Orthophenanthroline 

ferrous complex) Red to faint blue —1.14 

Nitro-Ferroin Red to faint blue —1.25 


For a more complete list sec Products and Prices , G. Frederick Smith Company. 
Columbus, Ohio. 
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The mechanism of the color change for redox indicators has not been 
clearly established. It is probable that in some cases, at least, the color 
formation is due to a quinoidal structure of some part of the molecule. 
With some of the indicators the presence of a metal ion is necessary for 
color formation. 

A number of oxidation-reduction indicators has been developed, with 
normal potentials ranging from —0.76 to — 1.25. The most widely used 
ones are diphenylamine and its derivatives, and orthophenanthroline, 
which is used in the form of a complex ion with ferrous ion. 

Diphenylamine was one of the first redox indicators to be widely used ; 
the chief application has been for the titration of ferrous ion by di- 
chromate. The indicator has the formula, 

O-^-CD 

The first stage of the oxidation, which occurs at a low potential, is the 
formation of diphenylbenzidine, 

Diphenylbenzidine is on oxidation converted into diphenylbenzidine 
violet. 


The oxidized and reduced forms are present in equal concentration at a 
potential of —0.76 volt. 

Diphenylamine and diphenylbenzidine are sparingly soluble in water, 
but are soluble in sulfuric acid. The indicator solution used contains 1 g 
diphenylamine in 100 ml concentrated sulfuric acid. A few drops of this 
solution suffice for a titration in a volume of 200-300 ml. 

Recently diphenylamine has largely been replaced by a derivative, 
diphenylamine sulfonic acid. This derivative, in the form of a sodium 
or barium salt, is readily soluble. A further advantage is that the sul- 
fonic acid can be used in the presence of tungstates, with which di- 
phenylamine forms a precipitate. The color change occurs at a poten- 
tial of —0.84 volt. In the reduced form the solution is green while the 
oxidized indicator is reddish violet. The intensity of color is sufficiently 
high that the color change can readily be seen in chromate titrations, 
where the solution is colored by the green Cr ++ * ion. 
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Orthophenanthroline is used in the form of the ferrous complex, 
Fe(Ci 2 H 8 N 2 ) 3 + ' f , which goes by the trade name “Ferroin.” On oxida- 
tion it is converted into a corresponding ferric complex. The standard 
potential is given as —1.14 volts. Ferroin indicator is prepared by dis- 
solving 1.45 g orthophenanthroline monohydrate in 100 ml 0.025 M 
ferrous sulfate solution. 

An indicator of still higher oxidation potential than Ferroin is obtained 
from the ferrous complex of nitro-orthophenanthroline. This indicator, 
known as “Nitro-Ferroin” has an oxidation potential of —1.25 volts. 
The color change is the same as that of Ferroin. 


Selection of Indicator for Titration 

The sections of Chapter 24 which deal with oxidation-reduction titrations 
should be studied in connection with this section. 

Just as in neutralization titrations, it is necessary to select a redox 
indicator so that the end point will correspond to the stoichiometric 
point. In neutralization titrations the determining factor in the selec- 
tion of an indicator is the pH of the solution at the stoichiometric point. 
In oxidation-reduction titrations the oxidation potential at the stoichi- 
ometric point is the basis on which the suitable indicator is selected. 

The computation of the oxidation potential for a redox indicator may 
be made by consideration of either the equilibrium between the indicator 
and the substance which is titrated or the oxidation potential which 
exists in the titration system at the stoichiometric point. Both methods 
are illustrated in the following sections. 

Equilibrium between Indicator and Reductant. In the titra- 
tion of ferrous ion it is desired that the indicator used shall show an end 
point when the concentration of unoxidized ferrous ion has become 
negligibly small. If, for example, 5 m mol of ferrous ion is titrated by a 
suitable oxidizing agent, we may compute the oxidation potential of an 
indicator which will show a color change when the concentration of fer- 
rous ion has become 10““ 5 M. If we assume a final volume of 200 ml, a 
concentration of 10~ 5 M corresponds to about 0.1 mg unoxidized ferrous 
ion in the solution. The system which will give the desired equilibrium 
is represented in the cell, 

Pt, Ind+ + Ind |1 Fe+ + + Fe +++ , Pt 

where Ind symbolizes the reduced form of the indicator and Ind + the 
oxidized form of the indicator when only one electron is involved in the 
oxidation. 
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Treating this cell in the usual manner, we have 


Ind = Ind + + e E° = X 

Fc++ = Fe+++ + e E° = —0.77 


Ind + Fe +++ = Ind + + Fe ++ E° i _2 = X + 0.77 


At equilibrium, 


0 = X + 0.77 - 0.059 log 


[Ind + ][Fe ++ ] 

[Ind][Fe+++] 


According to the conditions of the problem, [Fe“ f ' ++ ] is 5/200 or 0.025 M since 
practically all the original ferrous ion has been oxidized and [Fe f+ ] is 10~ 6 M. 
Lacking knowledge of what fraction of the indicator is oxidized when the color change 
occurs, we assume that the two forms are present in equal concentration or that the 
ratio Ind + /Ind = 1. Substitution of these values for the activities of the reactants 
in the previous equation gives 


0 = X + 0.77 - 0.059 log 


( 1 )( 10 ~ 6 ) 
(1)(2.5 X 10~ 2 ) 


X = -0.97 volt 


The computed E° value for the indicator lies between that of di- 
phenylamine sulfonic acid and Ferroin. In practice either of these indi- 
cators can be used, the diphenylamine end point appearing when the 
concentration of ferrous ion is somewhat greater than the value assumed 
in the computation, and the Ferroin end point appearing when the con- 
centration of ferrous ion has been reduced to a very small value. The 
computation does not take into account the oxidizing agent for the titra- 
tion of ferrous ion, because it makes no difference what oxidizing agent 
is used provided that it has a sufficiently high potential to oxidize the 
ferrous ion to the specified degree of completeness. 

Oxidation Potential of Titration System. If the potential differ- 
ence is measured between a hydrogen electrode and a platinum electrode 
immersed in a solution containing ferrous and ferric ions, the observed 
potential depends on the ratio of the concentrations of ferrous and ferric 
ions. If the emf of such a system is measured during the course of a 
titration of ferrous ion by an oxidizing agent, there are obtained data 
from which a titration curve such as shown in Chapter 24 may be 
plotted. The emf at the stoichiometric point of the titration is the 
oxidation potential at which a suitable indicator should give a color 
change. This emf may be computed as follows; 

The cell is 

Pt, normal hydrogen electrode ]| Fe ++ + Fe +++ , Pt 
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The emf of the system is given by the expression, 

|H 2 - H+ + e E° = 0.00 

Fe++ = Fe +++ +e E° 0.77 


|H 2 + Fe +++ = H+ + Fe ++ 

Evi = 0.77 - 0.059 log 


E° 1-2 = 

[Fe ++ ] 

[Fe+++] 


0.77 


= 0.77 + 0.059 log 


[Fe+++] 

[Fe ++ ] 


since H 2 and H + are at unit activity. 

To find the value of i?i_ 2 at the stoichiometric point, which is the emf at which 
the indicator color change should appear, we must take into consideration the 
oxidizing agent used in order to evaluate the ratio Fe +++ /Fc ++ . To illustrate we 
shall make the computation for the titration of 5 m mol ferrous ion by ceric sulfate 
solution. It is not necessary to specify the volume of the solution since the ratio 
Fe +++ /Fe + f is independent of volume. 

Set up the cell. 


Pt, Fe ++ + Fe +++ || Ce +++ + Ce ++++ , Pt 


Fe ++ = Fe +++ +e E° = -0.77 

Ce +++ = Ce ++++ + e E° =-1.61 


Cc++++ p e ++ = Ce +++ + Fe +++ E° i_ 2 = 0.84 


At equilibrium, 


0 = 0.84 - 0.059 


[Ce +++ ][Fe ++ +] 
° g [Cc ++++ ][Fe ++ ] 


At the stoichiometric point it follows from the chemical equation that 
lCe ++++ ] = [Fe++] and [Ce +++ ] = [Fe +++ ]. Therefore, 


[P"c +++ ] 2 

0 = 0.84 - 0.059 log 


Fe+++ 

l 0 g F^ 


7.12 


Fe +++ 

Fe++ 


10 712 


Substitution of this value in the previous equation for the emf of the titration 
system at the stoichiometric point gives 

# 1.2 = 0.77 + 0.059 log 10 7 - 12 

= 1.19 volts 

This is the emf which the proper indicator for the titration should give if we set up 
the system. 



15 


285 


Ionization Constant of Weak Acid 

Pt, normal hydrogen electrode || Ind - *" + Ind, Pt 

£H 2 - H+ + e E° = 0.00 

Ind = Ind+ + e E° = X 

|H 2 + Ind+ = H+ + Ind E°i ~2 = -X 

Since E is found above to be 1.19 volts, we have 

1.19 --X- 0.059 log 

If the color change occurs when the two forms of the indicator are in equimolar 
concentrations, 

1.19 = —X or X = —1.19 volts 

In this titration, with ceric sulfate as the oxidizing agent, the indicator 
should have about the same oxidation potential as Ferroin, which is 
widely used. 

OTHER APPLICATIONS 

It should by now be apparent that proper setting up of cells and 
measurement of emf makes possible indirect determinations of very 
small concentrations of ions in solution. This method therefore is the 
basis for data by which many of the equilibrium constants of analytical 
and physical chemistry are determined. A few illustrations will illus- 
trate the general method. 

1. Ionization Constant of Weak Acid. A cell may be so set up 
that the emf depends on the hydrogen-ion concentration of a solution 
of a weak acid whose ionization constant is to be determined (another 
method is to use a salt of a weak acid and determine the concentration 
of hydrogen ion due to hydrolysis, from which one may compute the 
ionization constant). From the known concentration of acid or salt 
and the measured hydrogen-ion concentration, the ionization constant 
is readily computed. For example, it is found that the emf of the cell, 

Pt, H 2 (1 atm), HA (0.1 M) || KC1 (1 ilf), Hg 2 Cl 2 , Hg 

is 0.58 volt. We compute first the concentration of hydrogen ion in 
0.1 M HA and then the value of if*. 

H 2 - 2H+ + 2e E° - 0.00 

2Hg + 2C1- - Hg 2 Cl 2 + 2e E° - -0.28 

H 2 + Hg 2 Cl 2 = 2H+ + 2Hg + 2C1- E° 

0.58 = 0.28 - log [H+] 2 

A 

= 0.28 - 0.059 log [H+] 


1-2 


0.28 
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since all other constituents are at standard state. 
Solving, we have 


[H+] = io- 6 08 - 10°- 92 X 1CT 6 


Now we have 


= 8.3 X 10“ 6 
0.1 8.3 X10” 6 8.3X10' 6 

HA = H+ + A“ 


15 


Ki = 


(8.3 X 10~ 6 ) 2 

IF 1 


= 6.9 X IO' 10 


It should be noted that this measurement is not rigorously exact 
because the cell as set up has a liquid junction whose emf is not taken 
into consideration. This effect does not greatly change the value of the 
ionization constant, however, in most measurements. 

2. Solubility-product Constant. Measurement of emf may be 
used to measure the concentration of metal ion present in a saturated 
solution of an insoluble salt of the metal, thus giving data for computa- 
tion of the solubility-product constant. For example, it is found that 
the cell, 

M, MCI (solid), KC1 (1 M), AgCl, Ag 
has an emf of 0.05 volt. The metal M has the half-cell potential 
M = M + + e E° = -0.40 


To compute Ksp, 


M = M+ + e 
Ag 4- Cl- = AgCl + e 


E° = -0.40 
E° = -0.22 


M + AgCl = M+ + Cl- + Ag E°i-.2 = -0.18 
0.05 = -0.18 - 0.059 log [M + ][C1~] 

= -0.18 - 0.059 log Ksp 
K S p = IO"™ = 1.25 X IO" 1 

3. Dissociation Constant for Complex Ions. The principle is 
exactly the same as in the previous examples. A cell is so set up that 
measurement of the emf gives data for determination of the concentra- 
tion of ion furnished by the desired dissociation. For example, to de- 
termine the dissociation constant for the silver ammonia complex there 
is set up the cell, 

Ag, Ag + (xM) + NH 3 (yM) || reference electrode 

The emf is measured, and from this there is computed the concentration 
of silver ion in the ammoniacal solution of known strength. 
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QUESTIONS 


1. Define the terms volt, ampere, ohm. 

2. What is meant by the statement that a potential difference exists between two 
electrodes? 

3. Describe cells whereby the following chemical reactions could be made to 


produce electric energy: 

(a) Zn 4 2H+ = Zn++ 4 H 2 
(l b ) Pb 4 2Ag + = Pb++ 4 2Ag 

(c) Cl 2 4 21“ = 2C1- + I 2 

4. If the normal calomel electrode were taken as the reference standard for single- 
electrode potentials, with assigned value of zero, how would the values of the stand- 
ard electrode potentials be changed? 

5. Why are calomel and silver-silver chloride electrodes better experimental 
standard reference electrodes than the hydrogen electrode? 

6. Describe an experimental procedure for determining the standard electrode 
potentials of the following half-cells. Specify the concentrations to be employed. 

(a) Cu, Cu ++ 

(i b ) Pt, Fe ++ + + Fe ++ 

(c) Pt, Cl 2 , Ol- 
id) Pt, Br 2 , Br" 

(e) Pt, I 2 , 1“ 

7. What effect will addition of hydrogen sulfide to the left-hand portion of the cell, 


Cu, Cu+ + || Zn++, Zn 

have on the emf? What effect will the addition of hydrogen sulfide to the right- 
hand half-cell have on the emf? The addition of potassium cyanide to the left-hand 
half-cell will cause the polarity of the cell to reverse. Explain. 

8. In practice the copper-zinc cell is often used without a mechanical salt bridge. 
Consult a physics textbook for the design employed. Explain the operation of this 
cell if both the copper and zinc solutions are in the same container. 

9. Formulate cells which may be used to evaluate the following equilibrium 
constants : 

(а) The solubility product of silver iodide. 

(б) The dissociation constant of the argentocyanide complex ion. 

(c) The ion product constant for water. 

(d) The hydrolysis constant for sodium cyanide. 

(e) The ionization constant of a weak acid. 

if) The constant for the reaction of permanganate with ferrous ion. 


PROBLEMS 

1. In which direction will the following reactions proceed if all substances are at 
standard state: 

ia) Sn++++ + Cd = Sn++ 4 Cd ++ 

ib) Ce ++++ 4 Br~ = Ce+ ++ + £Br 2 
(c) 2Fe +++ + Cd - 2Fe + + + Cd++ 

id) Sn+ 4 + 2Ce+ ++ - Sn ++ 4 2Ce+ 4 

ie) S= 4 2Cr +++ - S 4 2Cr++ 

if) 2MnO 4 “ 4 50 2 4 6H + = 50 3 4 3H 2 0 4 2Mn++ 

(g) 5C1 2 4 I 2 4 6H 2 0 = 2 IO 3 - 4 10C1” 4 12H+ 
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2. Compute the voltage of each of the following cells. Designate the polarity of 
the electrodes. 

(а) Cu, Cu ++ (0.001 M) || Zn++ (0.1 M), Zn 

(б) Ag, Ag + (10 -l ° M) || KC1 (1 M), Hg 2 Cl 2 , Hg 

(c) Pt, H 2 (0.90 atm), H+ (0.01 M) || KC1 (0.05 M), Hg 2 Cl 2 , Hg 

(d) Pt, H 2 (1 atm), HC1 (0.005 M), Cl 2 (1 atm), Pt 

(e) Pt, H 2 (0.5 atm), HBr (0.1 M), Br 2 (liquid), Pt 

(/) Pt, Ce ++++ (0.1 M) + Ce +++ (0.2 M) || Fe+++ (0.01 M) + Fe++ 

(0.05 M), Pt 

3. What is the voltage of the cell: 

Ag, Ag+ (1 M) || H+ (1 M), H 2 (1 atm), Pt 

What is the spontaneous cell reaction? Which is the + pole of the cell? Of what 
practical value is the voltage of this cell? 

4. For the cell, 

Pt, Fe++ (10~ 2 M), Fe+++ (10~ 5 M) || I~ (10~ 3 M), I 2 , Pt 

(a) What is the numerical magnitude of the cell voltage? 

( b ) Which is the negative electrode? 

( c ) If Fe ++ , Fe +++ , and I~ are mixed together in solution at the above con- 
centrations and the solution is kept in contact with solid I 2 , will Fe +_H ~ oxidize I - 
or will Fe ++ reduce I 2 ? 

5. (a) Compute the equilibrium constant for the reaction, 

Fc -f Cu ++ = Fe++ + Cu 


(b) Compute the equilibrium constant for the reaction, 

Fe + Cd ++ - Fe++ + Cd 

(c) A solution contains cupric and cadmium ions at a concentration of 0.05 M. 
Iron is added and the solution shaken until equilibrium is reached. Compute the 
final concentration of the cupric and cadmium ions, assuming a final concentration 
of 0.3 Af for the ferrous ion (a considerable quantity of ferrous ion is formed by the 
reaction of iron with hydrogen ion). 

(d) Compute the equilibrium constant for the reaction, 

Cd + Cu ++ = Cd ++ + Cu 

( e ) What is the ratio of Cu ++ to Cd ++ at equilibrium? 

6. A solution containing ferrous and hydrogen ions at concentrations of 0.1 M 
each is brought into contact with a strip of pure iron. What pressure of hydrogen 
gas must be applied to prevent liberation of hydrogen by the action of iron on 
hydrogen ion? 

7. A 0.1 M solution of copper sulfate is treated with zinc dust. What is the final 
concentration of cupric ion remaining in solution? (Note: The final concentration of 
zinc ion may be assumed to be 0.1 M. Explain.) 

8. If a 0.1 Af solution of ferrous sulfate of pH 7 is treated with pure iron, should 
any hydrogen be evolved? At what concentration of hydrogen ion is hydrogen gas 
liberated at a pressure of 1 atm? 

9. Metallic silver is shaken with a 0.1 Af Fe +++ solution. Find the ratio 
[Fe +++ ]/[Fe' H "] a t equilibrium. 
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10. Find the equilibrium constant and the ratio [Sn‘ f4 ]/[Sn ++ ] at equilibrium for 
the reaction: 

2Ce 4 " 4 " 44 " + Sn 4 " 4 « 2Ce 4 " 4 ' 4 + Sn ++++ 

if 1 m mol Sn ++ and 2 m mol Ce 4 " 44 " 4 are mixed in a volume of 100 ml. 

11. Compute the equilibrium constant for the reaction, 

F e +++ -f 1“ « Fe ++ + ^I 2 

12. Ferric nitrate is added to a solution of potassium iodide until the final con- 
centration of ferric ion is 10~ 5 M. Compute the equilibrium concentration of iodide 
ion, assuming the solution to be saturated with iodine, and the final concentration 
of Fe" 4-4 to be 0.1 M. Would you conclude that iodide ion may be determined by 
titration with ferric ion? 

13. A solution of potassium iodide is treated with excess ferric nitrate so that the 
final concentration of Fe 4 " 4 " 4 is 0.1 M. Assuming the final concentration of Fe 4 " 4 to 
be 0.1 M and the solution to be saturated with iodine, compute the equilibrium con- 
centration of iodide ion. 

, 14. Find the concentrations of Fe +++ , Fe 4 "" 4 and 1“ present when equilibrium is 
reached in the mixture described in the cell of Problem 4. Assume that solid I 2 
is always in contact with the solution. 

15. 4 m mol Br^ is titrated by 0.02 M Ce 4 " 44 " 4 " solution. The final volume of the 
solution is 300 ml. What is the concentration of Br~ when 0.05 ml of ceric solution 
is added in excess of the stoichiometric amount? Is the reaction between ceric and 
bromide ions suitable for volumetric purposes? (A saturated solution of bromine 
water is 0.16 M.) 

16. 5 in mol FeSC >4 is dissolved in 100 ml water and titrated with 0.1000 N IvMn 04 
until two drops (0.10 ml) have been added in excess. Assume the [H" 4 ] = 1, and 
calculate the milligrams of ferrous sulfate which have not reacted with the KMnC> 4 . 

17. Compute the equilibrium constant for the reaction, 

MnOr + H+ + Sn++ = Mn++ + Sn ++ ++ + H 2 0 

18. If 5 m mol Sn ++ is titrated with permanganate in acid solution, what is the 
concentration of Sn ++ at the stoichiometric point? Assume the following conditions: 

Final volume of solution: 100 ml 

[Sn 4 " 4 "" 4 " 4 ] = 0.05, since practically all the stannous ion is oxidized 
[Mn 44 ] = 0.02, since 2 moles Mn 44 are formed for 5 moles Sn 4 " 44 " 4 " 

[Sn- 44 ] - X 

[Mn 04 ~] = 0.4X (see equation) 

[H 2 0] = 1 
[H+] = 1 

19. If the titration of Problem 18 is made to an end point, with 0.05 ml 0.02 M 
permanganate present in excess, what is the final concentration of Sn 4 " 4 ? Assume 
all concentrations except that of permanganate to be the same as in Problem 18. 

2QL What should be the standard oxidation potential of a redox indicator suitable 
for use in the titration of Problem 18? Assume that the indicator shows a color 
change when it is half oxidized and that one electron is involved per mole of indicator. 

21. Compute the E° value for an indicator to be used in the titration of Fe 4 " 4 
by Ce 4 " 4 ; assume that the indicator loses 2 electrons per mole of it which is oxidized 
and that the color change is observed when 70 per cent of the indicator is in its oxi- 
dized form 
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22. Compute the oxidation potential of a redox indicator that will be half oxidized 
when in a solution which contains ferric and ferrous ions at concentrations, respec- 
tively, of 0.02 M and 10 -6 M if 2 electrons are used per mole of indicator oxidized. 

23. Compute the oxidation potential of a redox indicator that will be 10 per cent 
oxidized at the point that a ferrous sulfate solution is 99.99 per cent oxidized if one 
electron is used per mole of indicator oxidized. 

24. A solution of ferrous sulfate contains 10~ 5 per cent of the iron in the ferric 
condition. What is the half-cell potential of this solution? 

25. What is the half-cell potential of a ferric salt solution in which 10” 6 per cent 
of the iron is in the ferrous condition? 

26. The solubility product of AgCl is 1 X 10~ 10 . Compute the emf of the cell 

Ag, AgCl, KC1 (0.05 M), Hg 2 Cl 2 , Hg 

27. (a) From the standard silver-silver ion potential compute the potential of 
the half-cell, 

Ag, AgCl, KC1 (1 M) 

(b) Compute the potential of the half-cell, 

Ag, AgCl, KC1 (0.01 M) 

28. From the two half-cell potentials, 

2Hg = Iig 2 ++ + 2e E° = -0.80 volt 

2Hg + 2Cr = Hg 2 Cl 2 + 2e E° = -0.28 volt 

compute the solubility product for mercurous chloride, Hg 2 Cl 2 . 

29. The emf of the cell, 

Ag, AgX, KX (0.05 M) || IvCl (1 M), Hg 2 Cl 2 , Hg 

is +0.30 volt. What is the solubility product for AgX? 

30. E° for Pb + SO^ = PbSCU + 2e is 0.31 volt. From this and the table of 
standard electrode potentials compute the Ksr for PbS04. 

31. From a table of standard electrode potentials and the Ksp for Cu(OH) 2 
develop a value of E° for 

Cu + 20H- = Cu(OH) 2 + 2e 

32. From a table of standard electrode potentials compute the following: 

(a) K lnst for HgLT. 

{b) K SP for Agl. 

(c) K S p for Mg(OH) 2 . 

33. The ionization constant of the acid HA is 5 X 10~ 6 . Compute the emf of 
the cell, 

Hg, Hg 2 Cl 2 , KC1 (1 M) || HA (0.1 M), H 2 (1 atm), Pt 

34. What is the emf of the cell, 

Normal calomel electrode || NaA (0.05 AT), H 2 (1 atm), Pt 

when NaA is a salt of the acid HA of Problem 33? 

35. Using the data of Table 4, Appendix II, compute the emf of the cells: 

(a) Zn, ZnCl 2 (0.01 M) + NH4OH (0.1 M) [| Normal hydrogen electrode 

( b ) Ag, AgCl, KC1 (0.01 M) || KCN (1 M) + AgN0 3 (0.1 M), Ag 
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36. The emf of the cell, 

Normal calomel electrode || MCI (0.1 M), H 2 (1 atm), Pt 

is — 0.52 volt. What is the ionization constant of the base MOH? 

37. Compute the potential of the half-cells: 

(a) Hg + Na (1 g Na per 200.6 g Hg), NaCl (0.1 M) 

(b) Hg -f Na (1 mole per cent Na), NaCl (0.1 M) 

(c) Pt, CI 2 + H 2 O (CI 2 at a concentration of 0.01 M), Cl - (1 M) 

(d) Pt, Br 2 + H 2 O (Br 2 at a concentration of 0.01 M), Br~ (0.1 M ) 
(The solubility of bromine in water is about 0.16 M.) 



CHAPTER 



Volumetric Precipitation Methods 

The sections of Chapters 18 and 19 which relate to the solubility-product 
principle and to the behavior of colloids should be studied before the 
material of this chapter. 


It may be recalled that a determination may be made by volumetric 
methods if (a) the reaction goes rapidly to completion, (6) there is only 
one reaction, (c) there is a marked change in some property of the solu- 
tion at the stoichiometric point, and (d) an indicator is available which 
will show the change at the stoichiometric point. Most precipitation 
reactions fulfill the first three requirements: the reactions, since they 
are ionic, proceed rapidly to completion; the conditions are usually 
so adjusted that only one insoluble substance forms; finally, there is a 
marked change in the concentration of the ions of the precipitate at 
the stoichiometric point. Unfortunately, no indicators are available for 
most precipitation reactions, and consequently comparatively few vol- 
umetric precipitation methods are employed in quantitative analysis. 


PRECIPITATION INDICATORS 

1. Formation of a Colored Precipitate 

In certain titrations the formation of a colored precipitate may be 
used to indicate the end point. It is necessary that the precipitate 
formed in the analysis be colorless and that a colored precipitate of the 
ion which is used for the titration be made to form at or near the stoichio- 
metric point. The best-known example of this method is the use of 
silver chromate as indicator in the titration of chlorides with silver 
nitrate solution. It is known as the Mohr method and is based on the 
principle of fractional precipitation. 

292 
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Fractional Precipitation, If an ion is added to a solution contain- 
ing two ions which may form a precipitate with the added ion, that 
substance will precipitate first whose solubility product is first exceeded. 
In the Mohr titration silver ion is added to a solution which contains a 
relatively high concentration of chloride ion and a small concentration 
(usually about 0.002 M ) of chromate ion. The two solubility products 
are 


[A g +][cr] = io - 10 
[Ag + ] 2 [Cr0 4 = ] = 9 X 10~ 12 


A precipitate of silver chloride forms as soon as reagent is added, but 
silver chromate does not begin to precipitate until the concentration of 
silver ion reaches the value given by the equation, 


[Ag + ] 2 = 


K SP _ 9 X IQ" 12 
[Cr0 4 = ] ” 2 X 1(T 3 

[Ag+] = 7X 10~ 5 


The point at which silver chromate begins to appear is taken as the 
end point in the titration; it is recognized by means of the color of the 
silver chromate precipitate. At the stoichiometric point for the precipi- 
tation of silver chloride, the silver-ion concentration is given by the 
expression, 

[Ag+] = [Cl~] = V 10~ 10 = 10“ 5 


Error in Mohr Method. Since the concentration of silver ion pres- 
ent at the end point is greater than the concentration at the stoichio- 
metric point, there is an inherent error in the method, due to the excess 
of silver nitrate reagent which must be added after the stoichiometric 
point is reached. This error is very small, however, as may be shown by 
a simple calculation: 

Assume the titration of 50 ml 0.1 M sodium chloride solution. The total volume 
at the end point is 150 ml. At the end point the millimoles of silver nitrate present 
are given by the equation, 

7 X 10“ 5 X 150 - 10.5 X 10“ 3 m mol 


At the stoichiometric point there are present, as shown by a similar calculation, 
1.5 X 10~ 3 m mol. The excess of silver nitrate amounts to 9 X 10~ 3 m mol or 
9 X 10“ 2 ml of 0.1 M solution. The percentage error is given by the expression, 


_ excess volume of reagent 

Percentage error = — — : 

stoichiometric volume 


X 100 


9 X 10“ 2 


X 100 


0.18% 


50.0 
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The actual error caused by the excess of reagent is negligible when 
standardization follows the same procedure as the analysis, because of 
the cancelation of the end-point error. 

In view of the previous calculation a question may be raised as to the 
possibility of using such a concentration of chromate ion that the end 
point shall appear at the concentration of silver ion which corresponds 
to the stoichiometric point. At the stoichiometric point the concentra- 
tion of silver ion is 10~ 5 M. Substitution of this value into the expres- 
sion for the solubility product of silver chromate gives for the chromate- 
ion concentration the value 9 X 10“ 2 M . This concentration is not used 
in practice, because the intensity of color in such a solution is so great 
that the formation of silver chromate precipitate is not readily observed. 
In practice, a concentration of 0.001-0.003 M is used. 

If the concentration of chromate ion is made much smaller than 0.001 
M y a serious error may be introduced, since a large excess of silver ion 
will be required before the product of the ionic concentrations of silver 
and chromate ions reaches the solubility-product value. It is for this 
reason that the Mohr titration cannot be carried out in strongly acid 
solution. The ionization constant of the acid HCr0 4 “" is very small. In 
the presence of strong acids little free chromate ion exists, most of the 
chromium being present as the bichromate ion. In practice, the Mohr 
titration must be carried out in a solution whose pH lies between G and 
10. Solutions of pH >10 cannot be used because at high pH silver 
oxide precipitates. 

2. Formation of a Soluble Colored Compound 

In the Volhard method, solutions containing silver ion are titrated 
with a standard solution of potassium thiocyanate. Silver thiocyanate 
is precipitated, 

Ag + -f SCN~ = AgSCN (white precipitate) 

When the stoichiometric point is passed, the concentration of thiocy- 
anate increases to such an extent that the ion may be detected by means 
of the reaction, 

Fe +++ + 6SCN- = Fe(SCN)o s (colored) 

Ferric alum is usually employed as indicator. This titration may be 
made in nitric acid solution. 

3. Appearance of Turbidity 

Certain titrations utilize the initial appearance of turbidity in a solu- 
tion as the end point. This method requires that the reagent ion which 
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is used for the titration form a stable soluble complex with the analyzed 
ion. The concentration of reagent ion, therefore, remains very small 
until the stoichiometric amount is added, after which it rapidly in- 
creases. The most widely used application of this principle is in the 
Liebig method for cyanides. Solutions of cyanide ion are titrated with 
standard silver nitrate solution. A soluble complex ion is formed, ac- 
cording to the equation, 

Ag+ + 2CN~ = Ag(CN) 2 - 

As the stoichiometric point is passed, there is a large increase in the con- 
centration of silver ion, and a precipitate forms, 

Ag + + Ag(CN) 2 “~ = Ag[Ag(CN) 2 ] (precipitate) 


4. Adsorption Indicators 

Fajans 1 and others have shown that certain organic dyes may be used 
as indicators for volumetric-precipitation reactions. The action of these 
indicators is due to the fact that at the stoichiometric point the indica- 
tor is adsorbed by the precipitate. In the process of adsorption a change 
occurs in the indicator which causes the production of a substance of 
different color. 

The theory of the action of the adsorption indicators is based on the 
properties of colloids. At the surface of a colloidal particle is a layer of 
that ion of the lattice which predominates in the surrounding solution. 
This primarily adsorbed layer holds by secondary adsorption oppositely 
charged ions which are present in the solution. See Fig. 31, page 365. 
The ion which is most strongly held by secondary adsorption is the ion 
of the solution whose compound with the primarily adsorbed ion is least 
soluble. An adsorption indicator is an organic ion which is strongly 
held by secondary adsorption only when the primarily adsorbed ion is 
the reagent used in the titration. 

In the titration of chlorides by silver nitrate the fluorescein negative 
ion serves as indicator. Before the stoichiometric point is reached, the 
primary adsorption is one of chloride ions, as this is the lattice ion which 
is in excess. Since the chloride ion is negatively charged, the primary 
adsorbed layer does not attract the negative fluorescein ion. Just at the 
stoichiometric point the concentration of silver ion rises while the con- 
centration of chloride ion decreases, and as a result the electric charge 

1 For reviews of adsorption indicators see I. M. Kolthoff, Chem. Rev., 16 , 87 (1935); 
A. W. Welling, School Set. Rev. (London), 17 , 181 (1935). See also K. Fajans and 
others, Z. Electrochem., 29 , 495 (1923); Z. physik. Chem., 126 , 309 (1927); Z. anorg. 
aUgem. Chem., 137 , 221 (1924). 
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on the surface of dispersed particles is changed; silver ion is now pri- 
marily adsorbed instead of chloride ion, giving a positively charged 
particle which holds negative ions by secondary adsorption. In particu- 
lar, the fluorescein ion is strongly adsorbed by the positively charged 
particle. The forces which cause the adsorption of fluorescein ion induce 
a rearrangement of the structure of the ion and thereby cause the for- 
mation of a colored substance. 

Successful use of adsorption indicators requires the following condi- 
tions: 

1. The indicator ion must be of opposite charge to the ion used for 
the titration reagent. 

2. The indicator ion must be specifically adsorbed to such an extent 
that the color change appears immediately after the stoichiometric point. 

3. The indicator ion must not be too strongly adsorbed by the pre- 
cipitate. If this occurs, the adsorption of indicator may be a primary 
process which takes place before the stoichiometric point is reached. 
For example, in the silver-chloride titration, if eosin (tetrabromoflu- 
orescein) is used as the indicator, the color change occurs before the 
stoichiometric point is reached. The premature color change is prob- 
ably due to the fact that the indicator is primarily adsorbed by the 
precipitate instead of chloride ion, when the concentration of the chloride 
ion becomes small. 

4. The precipitate formed in the titration should be highly dispersed 
throughout the titration. Since the color change occurs only at the sur- 
face of precipitated particles, the visibility of the change depends on the 
number of particles. In chloride-silver-ion titrations a protective col- 
loid, dextrin, is often added to prevent coagulation of the sol. 

The indicators most used for the titration of halides with silver are 
derivatives of fluorescein, a weak organic acid. Since the negative ion 
of the indicator is the substance adsorbed, the efficiency of the indicator 
action is decreased by the presence of hydrogen ion, which represses the 
concentration of fluorescein ion. Because of this, titrations with fluores- 
cein indicator must be carried out in neutral or slightly basic solutions 
(pH 7-10). Kolthoff 2 has shown that derivatives of fluorescein which 
are stronger acids than fluorescein itself may be advantageously sub- 
stituted for it, thus permitting the titration to be made in acid solutions. 
Eosin may be used for the titration of bromides or iodides in solutions 
whose pH is as low as 2, but it is unsuitable for chloride determinations, 
as previously mentioned. Dichlorofluoreseein is very useful for the 
titration of chlorides, where it can be used at pH as low as 4. 

A list of the more widely used adsorption indicators is given in 
Table 27. 

2 1. M. Kolthoff, W. M. Lauer, and C. J. Sunde, J. Am. Chem. Soc ., 61, 3273 (1929). 
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TABLE 27 

A Partial List of Adsorption Indicators for Volumetric Precipitations 


Titration 

of 

Titrating 

Ion 

Indicator 

Notes 

Cl“ 

Ag + 

Dichlorofluorescein 

pH > 4 

Br“ 

Ag + 

Eosin 

pH > 2 Best in acetic acid solution 

1“ 

Ag+ 

Eosin 

as Br“ 

SCN~ 

Ag + 

Eosin 

as Br- 

CN“ 

Ag+ 

Diphenyl carbazide 


Ag + 

Br~ 

Rhodamine 6 G 

in 0.5 N HN0 3 

OH- 

Pb++ 

Fluorescein 

Quite sharp in 0.01 and 0.1 N solu- 

bo 2 - 1 

Pb++ 

Dichlorofluorescein 

tions 

Accurate in neutral solution 

B4O7— I 

so 4 ~ 

Pb++ 

Dibromofluorescein 

A better method is based on frac- 

tional precipitation * 

* See W. C. Schroeder, I nd. Eng. Chem.,Anal. Ed., 5, 403 (1933), and Sheen, Kahler, 

and Cline, 

ibid., 9 , 69 (1937). 



5. Spot-test Indicators 

Spot-test or external indicators may often be employed when no in- 
ternal indicator is available which can be added to the solution in which 
a titration is made. A spot-test indicator is a reagent which will react 
with one of the constituents involved in the titration to give either a 
precipitate or a colored compound. In making a spot-test titration the 
reagent is added without testing until the end point is approached (a 
semi-quantitative titration is first made to determine the approximate 
volume of reagent needed). Near the end point a drop of solution is 
withdrawn on a stirring rod after each addition of reagent, and this 
drop is tested by adding to it a drop of indicator solution. The end point 
is located by the point at which the tested drop first shows absence of 
the substance titrated or excess of titrating reagent. An example of 
this type of titration is the volumetric determination of zinc by titra- 
tion with potassium ferrocyanide. Potassium zinc ferrocyanide is 
precipitated quantitatively when the reagents are mixed. Solutions of 
uranyl salts or of ammonium molybdate are employed as spot-test 
indicators. A deep color is developed in the spot test when ferrocyanide 
is present in excess. 

STOICHIOMETRY 

The concentrations of the standard solutions employed for precipita- 
tion reactions are expressed as either the titer or the molarity. The 
normality basis for concentration is not usually employed, since this 
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would require a new definition of the equivalent weight; it may be re- 
called that the equivalent weight has been defined in terms of the neu- 
tralization or reduction of hydrogen ion which is not a reactant in most 
precipitation reactions. 

The titer method is most convenient when the reagent is standardized 
by means of the constituent whose analysis is later to be made. For 
example, silver nitrate solutions are standardized by titration of weighed 
samples of pure sodium chloride; the strength is conveniently expressed 
in terms of the milligrams of chloride ion per milliliter of standard 
solution. 


Illustrative Problem. A 0.2500-g sample of pure NaCl requires 40.00 ml of 
AgN0 3 solution. What is the Cl~ titer of the solution? 

Solution: 


1 


ml AgNCb titrates 


250.0 mg NaCl 
4000ml AgNOs 


0.250 


mg NaCl 
ml AgN0 3 


In 6.250 mg NaCl (mol wt = 58.46) there are 6.250 X (35.46/58.46) = 3.791 mg 
Cl~ (mol wt - 35.46). 

Therefore, the Cl~ titer is 3.791 mg per milliliter. 


When this solution is used for the analysis of a sample, it is only 
necessary to multiply the volume of AgN0 3 solution (in milliliters) by 
the titer, to obtain the weight of Cl” in the sample (in milligrams). 

Illustrative Problem. A 0.3000-g sample is analyzed by titration with 45.00 
ml of the silver nitrate solution given above. What is the percentage of Cl~~ in the 
sample? 

Solution: 

Weight Cl“ in milligrams = 45.00 ml X 3.791 mg per milliliter = 170.6 mg 

Percentage Cl~ = X 100 — 56.87% 
oUU.U 


When a given reagent is to be used for the analysis of several different 
constituents, it is convenient to express the concentration in terms of 
molarity rather than as titer. The conversion from one unit to the other 
is readily made. 

Illustrative Problem. What is the molarity of the AgN0 3 solution of the preced- 
ing section? 

Solution: It may be recalled that a 1 M solution contains 1 mole per liter or 1 m mol 
per milliliter. Since the titer of the solution is given in terms of milligrams per 
milliliter, it is convenient to consider the millimoles of solute. According to the 
equation. 


Ag+ + Cl” = AgCl 
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the moles of Ag + per unit volume are the same as the number of moles of Cl~ that 
will be titrated by unit volume. Therefore the molarity is obtained by converting 
the Cl“ titer into the number of millimoles of Cl~ per milliliter of solution. 

m mol , . 

0.1069 = molarity 

ml 


If this silver nitrate solution is used for determination of the bromide 
ion in a sample, the computation is as follows. 

Illustrative Problem. A 0.7000-g sample of Br _ is titrated by 33.00 ml of the 
above solution. What is the percentage of Br~ in the sample? 

Solution: Since millimoles Br~ = millimoles Ag + , the total number of millimoles 
is given by the expression, 

m mol 

33.00 ml X 0.1069 — = 3.528 m mol 
ml 

Therefore, the weight of Br~ is 

mg 

Milligrams Br~ = 3.528 m mol X 79.92 - 282.0 mg 

m mol 

p erccntBr -=S^X 100 = 40.28% 

700.0 mg 


3.791 


mg 

ml 


35.46 


mg 

m mol 


DETERMINATIONS 

Chloride by Adsorption Indicator Method 

Preparation and Standardization of Silver Nitrate Solution, 
Procedure. Weigh out on the trip scale about 8.5 g reagent-grade 
silver nitrate crystals. Transfer to a glass-stoppered bottle, and add 
500 ml distilled water which has first been tested for presence of chlo- 
rides. Mix well, and store in the desk when not in use, to protect from 
direct sunlight. 

Dry about 2 g reagent-grade sodium chloride at 120°C. Weigh out 
three samples of about 0.25 g, and transfer to titration flasks. Dissolve 
each in 25-50 ml distilled water. Add about 0.3 ml dichlorofluorescein 
indicator and 0.1 g dextrin, and titrate with the silver nitrate solution. 
Do not allow direct sunlight to shine on the titration flask since this 
causes a rapid darkening of the precipitate when in the presence of 
dichlorofluorescein. The end point is a sudden change from white to 
pink in the color of the AgCl particles. It is reversible, and back titra- 
tion can be done if a standard sodium chloride solution is available. 
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From the weight of NaCl and volume of AgN0 3 used compute the 
molarity of the AgN0 3 solution. Compute also the Cl” titer of the 
solution. 

Determination of Percentage Chlorine in Soluble Chloride. 
Procedure. Dry the sample at 120°C. Weigh out three samples of 
0.25 to 1.0 g, as directed by the instructor. Dissolve each in a little dis- 
tilled water, and titrate as in the standardization. Report the percent- 
age of chlorine in the sample. 

Errors. The usual volumetric errors may be encountered. The solu- 
tion must not be at pH less than 4, nor greater than 10. Other anions 
which form insoluble silver salts must be absent. High concentrations 
of electrolytes may interfere because of flocculation of the sol. Strong 
light must be avoided. 

Other Applications. The procedure is the same for bromides, io- 
dides, and thiocyanates. Silver solutions may be analyzed by using 
them to titrate solutions containing a known amount of chloride, just 
as in the standardization. 

Chloride by Volhard Method 

The Volhard method is applicable for the determination of halides or 
of silver in nitric acid solution and is consequently widely used because 
the other titrimetric methods must be carried out in nearly neutral 
solutions. Copper (up to 70 per cent), arsenic, antimony, cadmium, 
bismuth, lead, iron, zinc, manganese, cobalt, and nickel do not inter- 
fere unless they are present in such amount ^hat the color of their ions 
interferes with detection of the end point. 

The method is based on the insolubility of silver thiocyanate and the 
use of ferric ion as indicator to show when excess thiocyanate is present. 
Nitric acid in large excess does not interfere, but it is essential that 
nitrous acid be absent. When the sample has been oxidized by nitric 
acid, it is necessary to boil until all oxides of nitrogen are removed before 
making the titration. 

In the analysis of silver the sample, in the form of silver ion, is titrated 
directly. In the analysis of halides a measured excess of standard silver 
solution is added to the sample, and the excess silver is titrated by a 
standard solution of thiocyanate. When chloride is present, an equi- 
librium is established between silver chloride and silver thiocyanate; 
the solubility products are such that some of the chloride is converted 
into thiocyanate during the titration, according to the equation, 

AgCl + SCN” = AgSCN + Cl” 
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Application of the equilibrium law leads to the relation, 

[Ag + ][Cn _ ^PforAgCl 

[Ag + ][SCN“] K S p for AgSCN 

_ 1 X io~ 1Q 

” 1.2 X 10“ 12 

Or, since it is the same concentration of Ag + that appears in both the 
numerator and denominator of the expression, 


[cn 

[SCN~] 


= 0.8 X 10 2 


Therefore, when thiocyanate is present in sufficient excess to give an end 
point, a considerable amount of chloride ion has been brought back into 
solution, and a corresponding amount of thiocyanate has been used in 
reaction with the silver chloride. This undesired reaction may be pre- 
vented by filtering the solution before making the thiocyanate titration 
or by adding nitrobenzene 3 after precipitation of the silver chloride. 
The nitrobenzene forms an oily coating on the particles of silver chloride 
and prevents reaction with the thiocyanate. Other silver halides (bro- 
mide and iodide) are so insoluble that no appreciable amount of reaction 
occurs with thiocyanate, and filtration is not needed prior to the thio- 
cyanate titration. 

In the analysis of halides it is necessary to know the concentration of 
the silver nitrate solution and to know the strength of the thiocyanate 
solution relative to that of the silver nitrate solution, in order that the 
volume of thiocyanate used can be converted into the corresponding 
amount of silver solution. For halide analysis, standardization is best 
made by a pure halide sample, as in the adsorption indicator method. 
In the analysis of silver it is only necessary to know the concentration 
of the thiocyanate solution. This is best standardized by use of pure 
silver. A weighed amount of the silver is dissolved in nitric acid, and 
the solution boiled to remove oxides of nitrogen, diluted to a suitable 
volume, and titrated directly with the thiocyanate solution. 

Procedure. Standardization. Prepare approximately 0.1 M solu- 
tions of silver nitrate and potassium thiocyanate (500 ml each), and 
50 ml of a saturated solution of ferric ammonium sulfate dissolved in 
1 N nitric acid. Dilute 25 ml nitric acid with an equal volume of water, 
and boil in an Erlenmeyer flask until the solution is colorless, to remove 
nitrous acid. Keep this reagent in the dark until needed. 


8 J. R. Caldwell and H. V. Meyer, Ind. Eng. Chem ., Anal. Ed., 7, 38 (1935). 
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Determine the relative strength of the silver nitrate and the thio- 
cyanate solutions. Measure, from a buret, 35—40 ml of the silver solu- 
tion into a 250-ml Erlenmeyer flask. Add 5 ml of the nitric acid solution 
and 1 ml of the indicator solution. Titrate (note 1) with thiocyanate to 
the appearance of a brownish tinge (note 2) which is permanent on 
shaking. Determine the indicator blank by adding 1 ml indicator to 
75 ml water acidified with 5 ml of the nitric acid solution, and titrating 
with thiocyanate. Subtract the volume of thiocyanate required for the 

.ml thiocyanate 

blank from the total volume used. Compute the ratio : — 

ml silver 

Duplicate results should agree within 1-2 parts per 1000. 

Accurately weigh a 1.1- to 1.2-g sample of pure dry sodium chloride, 
transfer to a 250-ml volumetric flask, dissolve, and dilute to volume. 
Withdraw, by a pipet, one-fifth aliquot portions and introduce into 
250-ml Erlenmeyer flasks. Add 5 ml of the nitric acid solution, and 
then add silver nitrate solution from a buret until it is in excess (note 3). 
Add 1-3 ml nitrobenzene (note 4) and 1 ml of the indicator solution, 
shake, and then titrate with thiocyanate. From the volume of thio- 
cyanate used compute the volume of silver nitrate in excess, and deduct 
this from the total volume to obtain the net volume required for pre- 
cipitation of the chloride. From the net volume and the weight of 
chloride sample employed compute the Cl — titer of the solution. Du- 
plicate results should agree within 1-2 parts per 1000. 

Notes. 1. Care must, be taken to avoid the addition of too little thiocyanate. 
Near the end point the reagent must be added dropwisc and the solution thoroughly 
shaken before the next addition. 

2. The end-point color is due to the formation of the complex Fu(SCN)fl = ion. 

3. Near the stoichiometric point the precipitate will coagulate. After this occurs, 
shake well, allow to stand a moment, and add a little silver nitrate to the clear super- 
natant liquid. If precipitation is complete, no marked cloudiness will occur. Con- 
tinue until it is certain that silver nitrate is in excess. 

4. Optionally, instead of adding nitrobenzene, filter the solution through a Gooch 
crucible, wash with a little water, and titrate the clear filtrate with thiocyanate 
solution. This method has the advantage that at the end point only a little precip- 
itate is in the solution. 

Analysis of Chloride Samples. Prepare a solution of the sample 
as directed in the previous methods. Analyze aliquot portions, follow- 
ing the procedures employed for standardization. Report the percent- 
age of chlorine in the sample. Alternatively, weigh out three 0.25- to 
1.0-g samples as directed. Dissolve each, add excess standard AgN 03 , 
and complete the titration with standard KSCN, as in the standardiza- 
tion. 
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Errors and interfering substances . The usual volumetric errors are 
encountered. In addition, the beginner is prone to undertitrate on 
adding thiocyanate. The necessity for removal of silver chloride has 
been emphasized. Other substances which form insoluble silver salts 
must be absent, as must bivalent mercury which forms a stable complex 
ion with thiocyanate ion. Nitrous acid and oxides of nitrogen must be 
boiled off, since they attack thiocyanic acid, causing a premature red 
color in the solution. The amount of excess silver nitrate should be 
kept small, thereby reducing the volume required in back titration. 

Procedure, Analysis of Silver Alloy, Prepare solutions as di- 
rected above. Standardize the thiocyanate soluti^i as follows: Accu- 
rately weigh 0.3-0.4 g pure silver sheet or foil, and absolve in an Erlen- 
meyer flask in 5-10 ml 1 : 1 nitric acid. Boil the solution until oxides of 
nitrogen are expelled. Dilute to 100 ml, add ferric indicator, and titrate 
with thiocyanate, as directed in the preceding exercise. Compute the 
Ag + titer of the thiocyanate. 

In the analysis of an alloy proceed just as in the standardization. 
Report the percentage of silver. 

Mohr Method 

The theory of this method has been given on page 293. The titrat ion 
is made in neutral solution to an end point which is shown by the forma- 
tion of a colored precipitate of silver chromate. Because of the intense 
color of the chromate ion the theoretical amount of potassium chromate 
is not used; therefore an excess of silver ion, past the stoichiometric 
point, is required. The amount of excess cannot be accurately evaluated 
by means of a blank, but any error from this cause can be avoided by 
standardization of the silver nitrate solution under the same conditions 
as those under which the analysis is performed. 

Procedure. Standardization. Accurately weigh a 1.1- to 1.2-g 
sample of pure dry sodium chloride, transfer to a 250-ml volumetric 
flask, and dilute to volume. Withdraw one-fifth aliquot portions by a 
pipet, and deliver into 250-ml porcelain casseroles (note). Add 2 ml 
0.1 M potassium chromate solution, and titrate, without further dilu- 
tion, with silver nitrate solution prepared according to directions on 
page 299. The end point is marked by the first^appearance of a per- 
manent colored precipitate of silver chromate. Compute the Cl” titer 

Note . The end point for this titration is more readily detectable in a casserole 
than in a flask. Stir the solution with a short glass stirring rod. 
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Analysis of Soluble Chloride. Accurately weigh 1.5-2 g, and make 
up to a volume of 250 ml in a calibrated flask. Titrate aliquot portions 
(note) according to the procedure used in standardization. Calculate 
the percentage chlorine in the sample. 

Note. Test the solution of the sample with litmus paper after the aliquot portion 
is measured. If it is acid, add chloride-free sodium bicarbonate until the solution 
shows a neutral reaction, or neutralize, using phenolphthalein indicator, with chlo- 
ride-free base. If the sample is strongly basic, neutralize with chloride-free nitric 
acid to the phenolphthalein end point. Optionally, the sample may be made slightly 
basic with sodium or ammonium hydroxide, and then made just acid to phenolphthal- 
ein by addition of dilute acetic acid. 

Errors and interfering substances . All the errors common to volu- 
metric determinations may be encountered. The solution must be 
nearly neutral. The chief difficulty in using this method lies in the 
technique of determining the end point. Interfering cations are those 
which are colored, such as copper and nickel; those which give precipi- 
tates with chromates, such as lead and barium; and those which pre- 
cipitate as basic chlorides in neutral solution, such as bismuth and 
tin. Interfering anions are those whose silver salts are insoluble in 
neutral solution, such as phosphate, arsenate, and sulfide., C Z 0 V 

Other Applications. The Mohr method may be used for the deter- 
mination of bromides, but is not satisfactory for iodides and thiocy- 
anates because adsorption by the precipitate causes an unsatisfactory 
end point. Since the introduction of adsorption indicators, the Mohr 
method is not widely used, even for chlorides, for the end point is diffi- 
cult to detect, and the titration is tedious. The method, however, is 
capable of high accuracy in the hands of an experienced analyst. 


Liebig Method for Cyanides 

Titration of cyanide solutions with silver nitrate is the standard 
method for the volumetric determination of cyanides. The method is 
listed here, not as a recommended student exercise, 4 but because of its 
commercial importance. It is also useful for the determination of silver 
in the presence of halogens. 

In cyanide analyses silver nitrate may be added to a cyanide solution 
until addition of a drop of reagent causes turbidity in the solution. The 
chemistry of the determination is as follows: Prior to the stoichiometric 
point, a soluble silver cyanide complex ion is formed, 

Ag+ + 2CN~ = Ag(CN) 2 “ 

4 The very poisonous nature of potassium cyanide and the liberation of hydrocyanic 
acid, when cyanide solutions are acidified, render its use dangerous. 
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When the stoichiometric point is reached, the insoluble silver salt of this 
complex ion begins to precipitate ; the appearance of the precipitate may 
be taken as the end point. There is danger, however, that some precipi- 
tate may form locally before the stoichiometric point is reached, and a 
better end point is obtained by adding to the solution ammonium hy- 
droxide and iodide ion. Formation of a complex silver ammonia ion pre- 
vents the precipitation of silver argentocyanide. Ammonia does not 
interfere with precipitation of silver iodide after the stoichiometric 
point has been passed, since silver iodide is extremely insoluble. The 
appearance of this precipitate, therefore, marks the end point. In the 
stoichiometry of the method it must be remembered that two cyanide 
ions are equivalent to one silver ion. 

Procedure. To the dissolved sample (note 1) which should contain 
6-8 m mol of cyanide ion, add 36-40 m mol of ammonium hydroxide 
and 0. 1-0.2 g potassium iodide, and dilute to a volume of 100 ml. Ti- 
trate with standard 0.1 M silver nitrate until the addition of 1 drop of 
reagent causes the appearance of a permanent turbidity in the solution 
(note 2). 

Notes. 1. Keep constantly in mind the very poisonous nature of potassium 
cyanide. Be sure to wash out the solution with a large quantity of water at the con- 
clusion of the determination. Do not allow any waste cyanide to stand in a sink 
where it may come into contact with acids and evolve hydrogen cyanide gas. 

2. The method may be used for the determination of silver in the presence of 
halides. Add to the sample a measured excess of cyanide solution whose strength is 
accurately known, and back-titrate according to the above procedure with standard 
silver nitrate. 


QUESTIONS 

1. Is the strength of a silver nitrate solution as determined by the Mohr method 
greater than, equal to, or less than the strength as determined by an adsorption 
indicator titration, pure sodium chloride being used as the primary standard in each 
case? 

2. When a solution of hydrochloric acid is to be standardized by the Mohr method, 
the acid is first neutralized. What indicator should be used? What reagent would 
you employ for the neutralization? 

3. Is it necessary to neutralize a hydrochloric acid solution if it is to be standard- 
ized by silver nitrate titration by the adsorption indicator method? If the solution 
is neutralized, what indicator should be employed? What would be the effect on 
the normality if the neutralization were not carried out? 

4. What relation must exist between the charge on the indicator ion and the charge 
on the titrating ion when an adsorption indicator is used? 

5. Why is dextrin used in the chloride determination with dichlorofluorescein as 
indicator? 

6. In a Yolhard analysis for Cl"” the AgCl was not removed by filtration before 
the back titration with SCN“. Was the determined percentage of chloride too high 
or too low? 
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7 . Explain how 1“ can serve as indicator in the titration of CN“ by Ag + . 

8. If an excess of AgN 03 were added to a mixture of NaCN and NaCl, what would 
have precipitated? 

9. Why is it not required to filter off the silver iodide in the determination of 
iodine by the Volhard procedure? 

10. Describe a procedure for determining the silver present in a sample of photo- 
graphic emulsion which contains silver, bromine, and organic matter. 


PROBLEMS 

1. What is the molarity of a NH4SCN solution 25.75 ml of which is required to 
titrate 215.3 mg 99.9 per cent pure Ag after the metal has been dissolved in HNO3? 

2. How many grams of AgNC >3 should be present per liter of solution so that each 
milliliter is equivalent to 1.000 mg Cl - ? 

3. How many milliliters of 0.1500 M AgNC >3 are needed to titrate: 

(a) 4.000 m mol BaCl 2 -2H 2 0? 

(i b ) 0.5000 gKCN? 

(c) 35.5 ml 0.1571 M KSCN? 

4. A sample of silver alloy is dissolved in nitric acid and the silver determined 
by a Volhard titration. If 38.62 ml of 0.1175 M KSCN solution is required for the 
titration, how many grams of silver are in the sample? 

5. How many milliliters of 0.1200 if KSCN will be needed in the back titration 
after the addition of 30.00 ml 0.1100 M AgNC >3 solution to 0.3655 g KI dissolved in 
100 ml water? 

6. An iodide sample which weighs 3.000 g is analyzed by the Volhard process; 
49.50 ml 0.2000 M AgNC >3 is added, and 6.50 ml 0.1000 M KSCN is needed to titrate 
the excess silver. Calculate the percentage of iodide in the sample. 

7. A sample contains NaBr and inert material. A 1/5 aliquot is dissolved in 
water and 50.00 ml 0.1050 M AgNC >3 is added; 8.00 ml KSCN solution is required 
to produce the red color with the ferric alum indicator. Calculate the grams of NaBr 
present if 1.000 ml AgNC >3 is equivalent to 1.250 ml KSCN. 

8. 40.00 ml 0.1000 M AgN0 3 is added to 0.3300 g of a sample which contains 
1.300 m mol BaCl 2 -2H 2 0 and impurities inert to AgN0 3 . How many milliliters of 
0.1200 M KSCN solution will be required for back titration? 

9. From the following data determine the percentage of chloride in a sample: 


Standardization: Weight of NaCl 0.2500 g 

Volume of AgNC >3 63.46 ml 

Volume of KSCN 3.79 ml 

37.90 ml KSCN is equivalent to 50.00 ml AgNC> 3 . 

Analysis: Weight of sample 0.6250 g 

Volume of AgN (>3 35.00 ml 

Volume of KSCN 7.58 ml 


10. A 3.500-g portion of a sample containing NaBr and Na 2 S (>4 is dissolved and 
diluted to 250.0 ml. One-fifth aliquot portions are titrated by silver nitrate, an 
average of 42.50 ml of solution being required for the aliquot portion. In standard- 
ization 1.000 ml of AgN 03 is found to be equivalent to 0.01250 g KBr. Compute 
the percentage of Br in the sample. How many grams sodium sulfate are present in 
the sample? 
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11. In a cyanide determination 35.66 ml of silver nitrate solution is needed to 
titrate to the appearance of turbidity. If 1.000 ml AgNC >3 = 0.002875 g KC1, how 
many grams of cyanide, computed as NaCN, are present in the sample? 

12. A small amount of KI is added to a solution of NaCN. 35.00 ml 0.1200 M 
AgNC >3 is required to produce a precipitate of Agl. Find the milligrams of NaCN 
present. 

13. 25.00 ml AgNC >3 reacts with 5.000 m mol NaCl; 35.00 ml of the silver solution 
is required to titrate a sample of ZnCl 2 *6H 2 0. How many milligrams of the hydrate 
are present in the sample? 

14. Mercury can be precipitated as Hg(SCN )2 and determined by a procedure 
similar to the Volhard process. What is the percentage of mercury in an alloy 
0.7500 g of which required 45.10 ml of a KSCN solution whose Ag titer is 9.542 mg 
per milliliter? 

15. A 0.5216-g sample of a zinc ore was brought into solution and the zinc separated 
and titrated with ferrocyanide solution, 23.21 ml being required; 32.00 ml of this 
solution was required for 0.2613 g of pure zinc oxide in the standardization. Find the 
percentage of zinc in the ore. The reaction is 

2K 4 Fe(CN) 6 + 3ZnCl2 = K 2 Zn 3 [Fe(CN ) 6 ]2 + 6KC1 

16. In an aqueous solution of 0.2100 g of a mixture containing potassium cyanide 
anti chloride, 14.56 ml of 0.1000 M silver nitrate was required to produce a faint 
permanent turbidity; 30.00 ml more of the silver nitrate was added and the pre- 
cipitate of AgCl and AgCN filtered off from the solution. The filtrate and washings 
were titrated with 13.06 ml of 0.1000 M thiocyanate solution. Calculate the per- 
centages of KOI and KCN in the sample. 

17. Nickel is determined volumetrically by the addition of a known amount of 
cyanide to an ammoniacal solution of the sample. The excess of cyanide is titrated 
by standard silver solution. Potassium iodide is often added as an indicator. (Silver 
iodide precipitates as soon as there is any silver in excess.) 

Ni ++ 4- 4CN~ = Ni(CN) 4 “" 

Ag + + 2CN- - Ag(CN)r 
Ag+ + I” - Agl 

How much potassium cyanide should be added to a solution of 0.2500 g of nickel ore 
containing 20.00 per cent nickel in order that at least 15.00 ml 0.1100 M silver 
nitrate will be used in the back titration? 

18. If 5.0 m mol of sodium chloride is dissolved in 150 ml of water, calculate the 
concentration of chloride ion after the addition of the following volumes of 0.1000 M 
silver nitrate solution: 0, 10, 20, 30, 40, 45, 48, 49, 49.3, 49.5, 49.9, 50, 55. Plot the 
negative logarithm of chloride-ion concentration (pCl) against the milliliters of silver 
nitrate added. Compare this curve with the titration curves of Chapter 9. 

19. The solubility product for silver chloride is 10~ 10 , and for silver thiocyanate 
10“ 12 . If the concentration of thiocyanate ion which is needed to affect the ferric ion 
indicator is 10~ 5 Af, what concentration of chloride ion will be in equilibrium at the 
end point in a solution which is in contact with both silver chloride and silver thio- 
cyanate? What volume of 0.1 AT thiocyanate solution will need to be added to 100 
mi of solution in order to bring this amount of chloride into solution, according to 
the equation, 


AgCl + SCN- = AgSCN + Cl“ 



308 Volumetric Precipitation Methods 16 

If the stoichiometric volume of thiocyanate required in the Volhard determination 
of chloride is 15.00 ml, what is the percentage of error introduced if the silver chloride 
is not removed by filtration? 

20. Calculate the theoretical error in a Mohr titration in which 50.00 ml 0.1 M 
silver nitrate solution is needed at the stoichiometric point, and the concentration 
of chromate ion is 10~* 4 M. Assume a final volume of 100 ml. 

21. What should be the concentration of chromate ion so that there will be no 
theoretical error in the determination of Br - by the Mohr method? Is it possible 
to use such a concentration? 

22. Sulfate may be determined by titration with standard lead nitrate solution. 
Potassium iodide is used as a spot-test indicator. What concentration of iodide ion 
should be used in order that the spot test show a turbidity at the stoichiometric 
point in a sulfate titration? Use the solubility-product values in the Appendix. 
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Gravimetric Analysis 
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Methods and Operations 

A gravimetric analysis is one in which the desired constituent is 
weighed in some form after separation from other constituents of the 
sample. There are obviously three major requirements for such analyses : 

1. Separation must be complete. 

2. The substance weighed must be of definite known composition so 
that weight relations can be applied to compute from the weight of pre- 
cipitate the weight of the sought element. 

3. The weighed material must be pure, that is, not contaminated 
with other substances. 

In practice, these conditions are seldom attained completely, and the 
success of a gravimetric analysis depends on the degree to which they 
are realized. In the following chapters we shall discuss the factors 
which affect the completeness of precipitation and the purity and com- 
position of the precipitate, 

A variety of methods are used for separating the desired constituent 
of the sample preliminary to weighing. The more important of these 
are: 

1. Precipitation as an insoluble compound , such as AgCl, BaSC> 4 , hy- 
drated Fe 2 0 3 . This is by far the most widely used method. 

2. Deposition by electrolysis , for metals such as Cu, Ag. 

3. Volatilization . Gases such as C0 2 , NH 3 , H 2 S may be isolated by 
treatment of the sample with a suitable reagent and subsequent absorp- 
tion of the gas. The increase in weight of the absorbent measures the 
quantity of liberated gas. 
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4. Extraction . This method is seldom used to obtain the constituent 
in final form but is useful for separation of a complex mixture into sub- 
groups. For example, large amounts of ferric ion can be removed from 
small amounts of Ni, Co, Al, Mn, Cr, etc., by extraction with ether. 
Ferric chloride is more soluble in ether than in water whereas the other 
chlorides are insoluble in ether. 

In this text the chief emphasis is placed on precipitation analyses, 
since these are of most frequent occurrence. Electrodeposition is 
illustrated by the determination of copper, and volatilization is used for 
the determination of carbon dioxide in a dolomite. 

The operations employed in gravimetric anafyses by precipitation 
methods are: 

1. Preparation of a suitable solution of the sample. 

2. Precipitation. In many cases precipitation of other constituents 
must precede the precipitation of the desired constituent. 

3. Digestion of the precipitate. 

4. Filtration. 

5. Washing. 

6. Conversion of the precipitate into a form suitable for weighing. 

7. Weighing. 

General directions for these operations are given in this chapter. 
These directions should be carefully studied before the determinations 
of Chapters 21 and 22 are begun. The theoretical principles on which 
the operations are based are discussed in the following chapters. 


OPERATIONS 

Preparation of the Solution 

General directions for the preparation of a sample solution have been 
given in Chapter 5. The methods therein described apply for both 
gravimetric and volumetric analyses. When it happens that a single 
constituent remains in insoluble form during the preparation of a solu- 
tion, it is often possible to utilize this insolubility to make a gravimetric 
determination of that constituent. For example, certain rocks are de- 
composed by acid treatment. Any silica present is left in rather pure 
form as an insoluble residue. This residue is separated by filtration, 
washed, ignited, and weighed as Si0 2 . Similarly, in the analysis of 
brass or bronze, any tin present is left as an insoluble residue when the 
sample is dissolved in nitric acid. The residue is separated, washed, 
ignited, and weighed as pure Sn0 2 . 
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Methods for preparation of the solution in analyses of frequent occur- 
rence are as follows: 

1. Silicate rocks. In general the rock is not decomposed by acid treat- 
ment. The entire sample is fused with sodium carbonate and the fused 
mass dissolved in hydrochloric acid. Silica remains as an insoluble 
residue. 

2. Carbonate rocks . Many carbonate rocks are completely decom- 
posed by treatment with hydrochloric acid. A residue of nearly pure 
silica is left after the acid treatment. If the decomposition is not com- 
plete, it is necessary to fuse the residue with sodium carbonate, and then 
to treat the fused residue with hydrochloric acid. All constituents ex- 
cept silica are then brought into solution. 

3. Iron ores. Most ores can be decomposed, and all constituents 
except silica brought into solution, by prolonged treatment with hydro- 
chloric acid. When the residue after the acid treatment is colored, 
indicating incomplete decomposition, it is necessary to fuse this residue 
with sodium carbonate, and then to treat again with acid. 

4. Brass and bronze. The sample is usually dissolved in 1:1 nitric 
acid. Any tin present is left as an insoluble residue of metastannic acid 
(hydrated stannic oxide). 

5. Iron ) steel , and ferroalloys. The sample is usually dissolved in 
hydrochloric, nitric, sulfuric, 70 per cent perchloric, or a mixture of hy- 
drochloric and nitric acids. Directions as to the most suitable solvent 
are given with the analytical procedures for specific analyses. 


Evaporation 

In the majority of gravimetric analyses the volume of solution present 
must at some stage be reduced by evaporation, and frequently the solu- 
tion must be evaporated to dryness. Evaporations are made on gas or 
electric hot plates or on a steam bath. Because of the higher tempera- 
ture, hot-plate evaporations proceed somewhat faster than those on a 
steam bath, but also because of the higher temperature there is danger 
that an evaporation on a hot plate may cause the solution to spatter as 
it approaches dryness. 

Evaporations are usually carried out in beakers. Erlenmeyer flasks 
are undesirable, because steam condenses on the upper part of the wall, 
and the condensate runs back into the liquid. Occasionally it is desirable 
to replace the beaker by a porcelain evaporating dish or a casserole, but 
usually the liquid to be evaporated is in a beaker, and it is better to 
make the evaporation in the same container rather than to risk the 
danger of loss during a transfer to another vessel. 
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During an evaporation the beaker must at all times be covered, to 
prevent foreign matter falling into the solution. At the same time it is 
necessary to allow space for the ready escape of steam. Both these 
objectives can be attained by covering the beaker with a watch glass 
elevated on glass supports, as shown in Fig. 24. The glass must be 



Fig. 24. Supports for cover glass. 


large enough to cover the beaker, but should not be unduly large, as 
this would require too much space. 


Precipitation 

Separation by precipitation is the oldest form of exact chemical anal- 
ysis. Even so, precipitation methods are often inadequate, and there is 
today a constant search for reagents which will precipitate certain con- 
stituents specifically or which will give precipitates of greater purity 
than are now obtainable. 

Precipitation reagents may be divided into two classes, group reagents 
and final precipitants. Group reagents are those such as hydrogen sul- 
fide, which will separate a group of constituents from other constituents 
of the sample. The chief requirements of a group reagent are that it 
effect nearly complete precipitation of the desired group of ions and 
precipitate none of the other ions present. Final precipitants are the 
reagents used to isolate a single constituent in a form which is suitable 
for weighing or which can readily be converted into a form suitable for 
weighing. The reagent used for the final precipitation should satisfy 
the following requirements: 
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1. The precipitate should be quantitatively insoluble; that is, the 
amount which remains in solution to satisfy the solubility-product equi- 
librium should be less than the limit of weight which the balance in use 
can detect. For ordinary student instruments this limit is 0.2 mg. 

2. The precipitate must be readily filterable and should be in a form 
which is easy to wash free of the precipitating reagent and other ions in 
solution. 

3. The precipitate must be one which can be dried or ignited to a 
directly weighable substance, that is, a substance of definite composi- 
tion. 

4. The precipitating agent must be specific; that is, it must effect a 
separation of the particular constituent sought from the others in solu- 
tion. 

5. The precipitating agent should not contain ions which contaminate 
the precipitate. 

It is not always possible to find a single reagent which will satisfy all 
requirements; it may happen that a reagent which will give a precipitate 
of definite composition, suitable for weighing, will not effect separation 
of the desired constituent from other ions in the solution. For example, 
phosphates are separated from other ions by precipitation as ammonium 
phosphomolybdate. This precipitate is not of sufficiently definite com- 
position for the final weighing. It is customary, therefore, in this anal- 
ysis to dissolve the separated phosphomolybdate precipitate and to re- 
precipitate the phosphate ion as magnesium ammonium phosphate, 
which is readily converted into magnesium pyrophosphate for weighing. 

Many of the precipitants for group separations are the ones employed 
in qualitative analysis. For example, in the analysis of a rock the fol- 
lowing group separations are made: 

1. Insoluble in HC1 (Si). 

2. Precipitated by NH4OH (Al, Fe, P, Zr, Cr, V). 

3. Precipitated by (NH 4 ) 2 S (Mn, Co, Ni, Zn). 

4. Precipitated by (NH 4 ) 2 C 2 04 (Ca, Sr). 

5. Precipitated by (NH 4 ) 2 HP04 (Mg, Ba). 

6. Not precipitated in general separation (Na, K, H, O, Li, C, N, 

S, Cl, F). 

The same precipitant used for group separations may also be used for 
final precipitations when the conditions outlined above are met and 
when other ions than the desired constituent are absent. For example, 
in the analysis of a limestone, where strontium is generally absent, 
ammonium oxalate serves as the final precipitant for calcium. 
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In addition to the inorganic precipitants, a number of organic re- 
agents 1 are widely used in quantitative analysis. Important among 
these are dimethylglyoxime, cupferron, and 8-hydroxyquinoline. Di- 
methylglyoxime is a specific precipitant for nickel, used in most of the 
ASTM methods of analysis. Cupferron gives precipitates with a num- 

TABLE 28 


Gravimetric Analyses of Frequent Occurrence 



Precipitated 

Filtration 

Wash 

Ignition 

T emperature 

Weighed 

Element 

as 

Medium 

Liquid 

(i Centigrade ) 

as 

Ag (Halo- 

AgCl 

Gooch 

Dilute HNOs 

100-110° 

AgCl 

gens) 

Ca 

CaC 2 0 4 

Fine paper 

(NH 4 ) 2 C 2 0 4 

Blast lamp 

CaO(CaS0 4 ) 

Cu 

Cu 

— 

Acetone 

100° 

Cu 

Fe (Al, Cr, 

(electrolysis) 

Fe(< ) IT ) 3 

Coarse 

1 % nh 4 no 3 

Blast lamp 

Fe 2 0 3 

Ti) 

K 

K 2 PtCl 6 

paper 

Gooch 

80% Alcohol 

130° 

K 2 PtCl« 

Mg (Mn) 

MgNH 4 P0 4 

Gooch or 

Dilute NH 4 ()H 

800-1200° 

Mg 2 P 2 G7 

Ni 

Ni(C 4 H 7 0 2 N 2 )2 

paper 

Gooch 

Hot H 2 0 

100-110° 

Ni(C 4 H 7 0 2 N 2 )2 

P 

(dimethylglyoxime) 

(NH 4 hP0 4 -12Mo0 3 

Paper 

HN(>3 

Converted to 

Mg 2 P 2 0 7 

Pb 

Pb0 2 



nh 4 no 3 

Alcohol 

MgNH 4 P0 4 

180-200° 

Pb0 2 


(electrolysis) 

PbS0 4 

Gooch 

n 2 so 4 

500° 

PbSC 4 

S (Ba) 

BaS0 4 

Gooch 

Alcohol 

Hot HoO 

800° 

BaS0 4 

Si 

Si0 2 h 2 o 

(paper) 

Coarse 

Dilute nCl 

Blast lamp 

Si0 2 

Sn 

Sn0 2 -H 2 0 

paper 

Coarse 

1% NH 4 NOs 

Blast lamp 

Sn0 2 

Zn 

ZnNH 4 P0 4 

paper 

Gooch 

1% (NH 4 ) 2 - 

105° (900°) 

ZnNH 4 P0 4 




hpo 4 

50% Alcohol 


(Zn 2 P 2 0 7 ) 


ber of metals from acid solutions. An important application is in the 
separation of Fe, V, Ti, Zr, and Sn from other elements such as Al, Cr, 
Mn, Ni, Co, and Zn. The reagent 8-hydroxyquinoline will form insolu- 
ble compounds with many of the metal ions from neutral or alkaline 
solutions. One of the widely used applications is for the precipitation 
of magnesium from a solution containing no other metal ions except 
those of the alkalies. 

1 See Lundell and Hoffman, Outlines of Methods of Chemical Analysis , for an excel- 
lent summary of these reagents; also, Yoe and Sarver, Organic Analytical Reagents , 
Wiley, 1941; Mellon, Organic Reagents in Inorganic Analysis , Blakiston, 1941; 
Welcher, Organic Analytical Reagents , Van Nostrand, 1947. 
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In general, the precipitations of quantitative analysis are made from 
aqueous solution, just as in qualitative analysis. In special cases, where 
it happens that the sought constituent does not give any precipitate of 
sufficiently low solubility, a separation may be made from some solvent 
other than water. Often used is a mixture of alcohol and water. A 
common example is the precipitation of potassium chloroplatinate from 
an 80 per cent alcohol solution, to separate potassium from sodium. 

A few of the more common precipitates of gravimetric analysis are 
listed in Table 28. The contents of this table should be learned by 
every chemistry student, since the determinations listed are those of 
very frequent occurrence. 

Technique. Precipitations are usually made in low-form lipped 
beakers, because of the ease of removal of the solid from such vessels. 
Each beaker is equipped with a stirring rod of such length that it pro- 
jects 4-G cm from the edge, when the rod rests on the bottom of the 
beaker. The beaker should be of such size that it is not more than two 
thirds full at the completion of the operation. The precipitating re- 
agent is usually added from a buret or pipet, seldom from a beaker or 
graduated cylinder. A pipet is used for precipitations which need not 
be made exceedingly slowty, but a buret is preferable for those analyses 
that require very slow addition of reagent. In such cases, the buret is 
mounted above the beaker, in a slanting position, and the stopcock is 
opened just enough to allow a dropwise flow of solution. If the precipita- 
tion is to be made in hot solution, the beaker rests on a stand, so that it 
may be heated. 

Mechanical stirring is recommended for precipitations which require 
as much as 10 minutes, since this insures better mixing than can be 
achieved when the solution is stirred by hand. Many types of good 
mechanical stirrers are available for this purpose. Usually an all-glass 
propeller or agitator is best, to prevent possible reaction with the solu- 
tion. 

Before the addition of reagent the approximate amount required 
should be calculated, on the basis of previous knowledge of the composi- 
tion of the sample. About 5 per cent in excess of the calculated amount 
should be added (as a dilute solution), and then the stirring should be 
interrupted and the precipitate allowed to settle. A drop of reagent is 
then added to the clear supernatant liquid; if a further precipitate is 
formed, more reagent should be added. After filtration the liquid should 
again be tested for complete precipitation. 

In many analyses the precipitate first obtained is dissolved in acid or 
other suitable solvent, and a second precipitation is made. The pur- 
pose of the reprecipitation is to obtain a purer precipitate. 
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Digestion 

After precipitation is complete, the solution is, in most analyses, placed 
on a steam bath and allowed to stand for a time before filtration. The 
purpose of this operation, which is known as digestion, is to improve the 
filterability and purity of the precipitate. A discussion of the changes 
which occur during digestion is given in Chapter 19. 

Digestion is not always necessary or desirable. Some precipitates, 
such as magnesium ammonium phosphate, are unstable in hot solution 
and cannot be digested. Some are too soluble in hot solution. In gen- 
eral, digestion is of no benefit for gelatinous precipitates, such as hydrous 
ferric oxide. With this substance a few minutes’ boiling of the solution 
will effect all the coagulation that could be obtained from prolonged 
digestion. The analytical procedure will in all cases specify the time 
and temperature of digestion. 


Filtration 

Beginning students encounter more difficulty in filtration than in any 
other operation of gravimetric analysis. Improperly performed, this 
operation can waste many hours time; at best, it is tedious and slow. 
The student should learn proper techniques at the start and should 
never attempt short cuts which only lead to trouble. 

Filtering Media. The filtering media used depend on the nature of 
the precipitate and on the treatment needed to convert the precipitate 
into a form suitable for weighing. The most common filters are: 

1. Paper. 

2. Gooch crucible. 

3. Sintered-glass crucible. 

4. Porous-porcelain crucible. 

5. Munroe crucible. 

Filter paper is suitable when the precipitate is not easily reduced by the 
action of the carbon of the paper and when a high ignition temperature 
is needed. Paper must be used for gelatinous precipitates, since they 
clog the pores of the various other types of filters. The Gooch crucible, 
the sintered-glass crucible, and the porous-porcelain crucible are all used 
for precipitates which are easily reduced by the carbon of paper. When 
only drying is desired, sintered-glass or porous-porcelain crucibles are 
recommended, because they require less preliminary preparation than 
the Gooch crucible. When the precipitate must be ignited to dull red- 
ness. the Gooch or porous-porcelain crucible must be used, since sintered- 



17 Filter Paper 317 

glass crucibles will not withstand high temperatures. Even with the 
porcelain crucibles, ignition must be carefully performed, as described 
subsequently. The Munroe crucible, 2 because of its expense, is seldom 
employed in student work. It is in construction similar to the Gooch 
crucible (described below), but the filtering mat is of platinum. Conse- 
quently, it may be heated to the highest attainable ignition tempera- 
tures. 

Filter Paper. A special grade of “ash-free” paper must be used for 
all precipitates which are to be ignited and weighed. Ordinary paper 

TABLE 29 

Quantitative Filter Papers 

Approximate Weight 
of Ash per 9 -Cm 


w 

S&S 

JG 

Porosity 

Speed 

Use for 

Circle 

41 

589-1 

801 

Coarse 

Very rapid 

Gelatinous 

precipitates 

<0.1 mg 

40 

589-2 

802 

Medium 

Rapid 

Ordinary crystalline 
precipitates 

<0.1 

42 

589-3 

803 

Fine 

Slow 

Finest crystalline 
precipitates 

<0.1 


such as used in qualitative analysis may contain as many as several 
milligrams of ash per circle, enough to invalidate completely the results 
of an analysis. Ash-free paper is acid-treated in manufacture, to remove 
most of the inorganic constituents, and the weight of ash per circle of 
paper is negligible. 

Quantitative paper is manufactured in several degrees of porosity. 
It is important to select the proper grade for a given precipitate. Use 
of too coarse a paper will permit small crystals to pass through the fun- 
nel while use of too fine a paper will make filtration unduly slow. In 
Table 29 there are given the manufacturers recommendations for What- 
man (W), Schleicher and Schull (S&S) and J. Green (JG) quantitative 
papers. Other makes are just as reliable as these, which have been 
listed because of their general availability. In addition to the three 
degrees of porosity shown in Table 29 all manufacturers also provide 
quantitative paper for special purposes, such as papers to withstand 
moderate suction or the action of alkalies. 

2 The Munroe crucible, which is made of platinum with a perforated base on which 
a mat of platinum is formed, is used for very high- temperature ignition with reducible 
precipitates and for other special applications. See W. B. Snelling, J. Am. Chem. 
Soc. f 31, 456 (1909), and O. 0. Swett, ibid 31, 928 (1909). 
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Technique of Filtration with Paper. The size of the paper should 
be governed by the amount of precipitate to be retained and not by the 
amount of filtered liquid. The paper should be about one third filled 
with the precipitate at the end of the filtration. The funnel should 
match the paper in size. The folded paper should come within 1-2 cm 
of the top of the funnel, but never closer than 1 cm. The funnel should 
be of exactly 60° angle. It should have a long stem, with a constriction 
at the upper end of the stem. This constriction will facilitate main- 
tenance of a solid column of water in the stem, thereby accelerating the 
speed of filtration. The funnel should be held in a rigidly mounted fun- 
nel holder, with the stem reaching into the beaker which received the fil- 

A B C 

Fig. 25. Method of folding filter paper. 

trate. The stem should touch the side of the beaker, so that a column 
of liquid runs down the side; this arrangement prevents splashing. 

The operation of folding the paper and fitting it into the funnel is 
most important. The circle of paper is commonly folded exactly in 
half and folded again in quarters. The folded paper is then opened so 
that a 60°-angle cone is formed, with three thicknesses of paper on one 
side and a single thickness on the other. The paper is adjusted to fit 
the funnel exactly, and the corner of the outside fold is torn off as shown 
in Fig. 25, in order to give a tighter fit. The paper is then placed in the 
funnel, moistened, pressed down tightly to the sides of the funnel, and 
filled with water. The stem of the funnel will fill with a continuous col- 
umn of liquid if the paper fits properly. This liquid column promotes a 
gentle suction which accelerates filtration. Much time can be saved in 
the operation of filtration if care is taken to choose good funnels (with 
60° angles and with long stems) and to fit the paper to the funnel 
correctly. 

The experienced analyst often folds the paper so that it does not fit 
the funnel tightly except at the top. To do this, the second fold is 
made so that the angle is slightly greater than 60°. During filtration, 
liquid passing through the paper is free to run down the side of the 
funnel between the paper and glass. Care must be taken that papers so 
fitted do not pull loose from the funnel, thereby allowing air to enter 
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and the liquid column to break. Funnels with 58° angle are available 
to use with 60° paper cones, so that the paper fits only at the top. 
Another type of funnel has grooves extending radially from the bottom, 
to provide more rapid filtration. 

After the paper is fitted and the receiving vessel is in place, the filtra- 
tion may be started. The beaker of solution is held just above the fun- 
nel. A stirring rod is held against the lip of the beaker, to guide the 
column of liquid into the funnel, and to prevent drops of liquid from 
running down the outside of the beaker (see Fig. 16, page 86). Solu- 
tion is poured into the filter until it is filled nearly to the top of the 
paper. Care must be taken not to over-run the paper . If the liquid runs 
through the paper very rapidly, the beaker is held in the pouring posi- 
tion, and liquid is added to the funnel as rapidly as it can be accom- 
modated. In most filtrations some time is needed for the filled paper to 
empty, so that several filtrations may be in progress simultaneously. 
Care must be taken to prevent mixing of filtrates. Each beaker with 
solution is numbered, and the receiving beaker carries a corresponding 
number. Care must be taken to prevent loss of solution on the outside 
of the beaker lip, as the beaker is set upright after pouring. 

The precipitate is retained in the beaker during filtration. When no 
more liquid can be poured off the precipitate without transferring the 
precipitate to the paper, the filtration is interrupted, and the receiving 
beaker is replaced by an empty one. This is done in order that if any 
precipitate passes through the filter it will not be necessary to refilter 
the entire bulk of solution. The last of the mother liquor is removed 
from the precipitate in the operation of washing, described below. 

When filtration is completed, test for completeness of precipitation by 
adding 1-2 ml of the precipitant solution to the filtrate. If more pre- 
cipitate is formed, the solution must be refiltered. 

Whenever the solubility of the precipitate permits, it is advantageous 
to filter solutions while hot. Because of lowered viscosity, hot solutions 
will run through a paper much faster than cold solutions. Instructions 
are given in the analytical procedures when the filtration can be made 
with hot solutions. 

Use of Suction. When suction is applied to the ordinary filter 
paper, the paper ruptures at its point of least strength, the apex of the 
cone. If a perforated platinum filter cone is put into the funnel beneath 
the paper to reinforce the apex or, if specially hardened paper is used, a 
moderate degree of suction may be employed to reduce the time required 
for filtration. The papers are fitted to the funnels (containing the cones) 
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in the customary manner, and the funnel is inserted into a suction flask 
(Fig. 26), which is then connected to the water aspirator pump through 
a safety bottle (to prevent water from backing up from the pump and 
contaminating the filtrate). The stem of the funnel must project below 
the side arm of the flask to prevent loss of the filtrate. Speed of filtra- 
tion may be controlled by a screw clamp on the side tube which is in- 
serted in the rubber stopper along with the funnel. If the filtrate is to 

be subjected to further analysis, 
care must be exercised to rinse it 
completely out of the suction flask, 
or to arrange the apparatus so 
that the filtrate is caught in a 
beaker. To do this, the funnel is 
mounted in the top section of a 
vacuum desiccator (or bell jar), the 
beaker is placed in the lower por- 
tion of the desiccator beneath the 
funnel, and the assembly is evacu- 
ated through an opening in the 
lower portion. 

Filtration by suction is advan- 
tageous when the precipitate is 
crystalline, but it cannot be em- 
ployed for gelatinous precipitates. 
With such precipitates suction 
draws particles into the pores of 
the paper, clogging it until no 
liquid will pass. 

Macerated Filter Paper. Ad- 
dition of a suspension of macer- 
ated filter paper is often advanta- 
geous in the filtration of gelatinous precipitates, which tend to clog the 
pores of filter paper. When a suspension of paper fibers is added to 
such a precipitate, the fibers serve to keep the gelatinous precipitate in 
a condition more permeable toward water. Macerated filter-paper 
tablets may be purchased ready for use, or the papers may be prepared 
by disintegrating ashless filter paper with concentrated hydrochloric 
acid for a few minutes, washing out the acid, and storing in distilled 
water. A bulk of macerated paper approximately that of the gelatinous 
precipitate is added immediately after precipitation, and the solution 
stirred up so as to mix thoroughly the macerated paper and the 
precipitate. 



Fig. 26. Filtration with suction, using 
platinum filter cone. 
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Gooch Crucible. As previously stated, the Gooch crucible is ad- 
vantageous (a) when the precipitate is readily reduced by carbon of the 
paper on ignition, and ( b ) when extremely high ignition temperatures 
are not necessary. The use of the Gooch crucible or of paper is a matter 
of choice in many determinations, where the paper can be ignited with- 
out danger of reduction of the precipitate, but in others, as in those 
involving silver halide precipitates, a filtering crucible is essential. 

The Gooch crucible is a porcelain thimble with a perforated base. 
The filtering medium is a mat of asbestos fiber which covers the bottom 
of the crucible. Preparation and use of asbestos mats for qualitative 
filtrations have been described on page 73. To prepare a mat for quanti- 
tative use, proceed as follows: Place the crucible in its holder, as shown 
in Fig. 12, page 73. The receiving test tube is omitted. Prepare a sus- 
pension of acid-washed asbestos fiber in a beaker of water. With the 
suction disconnected, pour enough of the suspension into the crucible to 
make an asbestos mat at the bottom. After a moment, when some of 
the fiber has settled under the influence of gravity, turn on the suction, 
and drain all water from the crucible. With continued suction slowly 
pour asbestos suspension into the crucible until a mat 1 mm in thick- 
ness is formed. With a properly prepared mat one can just discern the 
perforations in the bottom of the crucible if it is held with the bottom 
towards the light and observed from the open end. 

When a suitable mat is formed, wash with water, with suction applied, 
to remove loose particles. The water should be poured into the crucible 
gently, with the aid of a stirring rod. If a porcelain plate is supplied, 
place this on top of the mat before washing (an advantage of the plate 
is that it prevents disruption of the mat by liquids which are poured 
into the crucible). Wash the mat until the following test for loose fibers 
indicates their complete removal. Test by collecting a portion of the 
wash water in a clean test tube and observing the presence or absence 
of fine asbestos fibers as the tube is viewed in a strong light. Remove 
the crucible from the holder, place in a small beaker, and heat at the 
temperature to be used for drying or igniting the precipitate. Cool in a 
desiccator, and weigh. Replace in the holder, and repeat the process of 
washing, drying, and weighing. The weight should remain constant 
within 0.3 mg. When this constancy is attained, the crucible is ready 
for use. 

In filtration with a Gooch crucible clean the filter flask, place the 
crucible in its holder, turn on the suction (a safety bottle must be used 
to keep tap water from the filter flask), and pour the liquid through the 
filter in a continuous stream. Take care to prevent rupture of the mat 
by the liquid; pouring should be done with the aid of a stirring rod, and 
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the stream should be directed against the center of the mat. Suction 
should be applied before the filtration begins, to hold the fibers in place. 
The bulk of the precipitate is retained in the beaker, as directed for 
filtration with paper. 

Gooch crucibles are cleaned by scraping out the mat and adhering 
precipitates and re-forming another mat. Since it takes considerable 
time to prepare a mat and bring it to constant weight, it is often desira- 
ble to use a crucible for several filtrations before removing the precipitate 
and making a new mat. Successive filtrations in the same crucible can 
be made when the precipitate is very insoluble, so that weighable 

amounts of previous precipitates 
do not pass into solution when a 
new filtration is made. 

Crucibles with Permanent 
Mats. For several years there 
has been a trend toward replace- 
ment of Gooch crucibles by some 
type of porous-bottom crucible 
which needs no asbestos mat. 
A shortage of long-fiber asbestos 
during the war has accelerated 
this change, and today few in- 
crucibles for gravimetric filtra- 



Fig. 27 . 


Ignition of precipitate in Gooch 
crucible. 


dustrial laboratories use Gooch 
tions. 

As previously stated, filtering crucibles are made with glass and 
porous-porcelain mats. The latter, such as the American-made Selas 3 
crucible, are now more widely used than glass crucibles because they 
can be ignited to the same temperature as other types of porcelain 
crucibles. 

The general techniques of using the filtering crucibles are like those 
for Gooch crucibles except that no mat is formed. The crucible is 
cleaned and brought to constant weight at the temperature to be used 
for ignition of the precipitate. Filtration and washing are done exactly 
as described for the Gooch. Ignition of Selas crucibles is done either by 
flame or in a muffle furnace. In either case the crucible should be placed 
within an ignition thimble or plain porcelain crucible, as in Fig. 27. 
(The Selas Corporation provides ignition thimbles for this use.) Care 
must be taken to avoid a tight fit of the two crucibles, which will cause 
breakage when they cool. 

3 Manufactured by the Selas Corporation of America, Philadelphia, Pa. Available 
through most supply houses. 
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Filtering crucibles, both glass and porcelain, are cleaned by dissolv- 
ing the precipitate in a suitable reagent. The following are commonly 
used: 

Precipitate Reagent 

Barium sulfate Cone, sulfuric acid or cleaning solution 

Silver chloride Ammonia solution 

Fats, organic compounds Cleaning solution or ignition (for porcelain) 

Metal sulfides Aqua regia 

Cleaning may be done either by immersing the crucible in a beaker of 
the reagent or by “back washing” with the reagent. In back washing 
the liquid is poured through the mat in the reverse direction. The in- 
structor will provide directions for this operation, based on the type of 
crucible in use. 4 

.Certain precautions are applicable to both glass and porcelain 
crucibles : 

1. Do not ignite glass crucibles at temperatures above those of the 
drying oven. Ignite porcelain crucibles only within a protecting cru- 
cible. 

2. Never filter concentrated alkalies through a porous crucible. 
Even a short contact with alkali will enlarge the pores and spoil the 
mat. 

3. Fusions cannot be made in filtering crucibles. 

4. Never scrape the precipitate from a filtering crucible. The mats 
are fragile and easily punctured. 


Washing 

Immediately after filtration all precipitates must be washed free of 
soluble impurities. If the precipitate is allowed to dry in the paper, it 
will cake in such a manner that complete washing will be impossible. 
The wash liquid is chosen on the basis of the following requirements: 

1. The wash liquid should leave no residue when it is evaporated as 
the precipitate is ignited. 

2. A common ion should often be present to reduce the solubility of 
the precipitate. This factor is especially important with rather soluble 
precipitates such as magnesium ammonium phosphate. 

3. An ion should be present to prevent the hydrolysis of salts such 
as those of iron and aluminum which may hydrolyze into insoluble 
basic salts. 

4 Apparatus for cleaning Selas crucibles is described in Ind. Eng. Chem., Anal, Ed., 
16, 277, 539 (1944). 
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4. The liquid should contain a volatile electrolyte to prevent the 
peptization of colloids. 

5. Hot wash liquids should be used if the solubility permits. 

In order to reduce solubility losses the quantities of wash liquid should 
be as small as possible. Most efficient washing is obtained, with a given 
volume of water, if the wash liquid is added in small portions and each 
portion is allowed to drain completely before the next one is added. 
Since a certain amount of liquid is always retained by the precipitate, 
the fraction of the impurity removed in a single washing is the ratio of 
the volume retained to the total volume used. If, for example, 1 ml is 
retained in the precipitate, the fraction of the impurity retained in a 
washing with a 50-ml portion is If 50 ml of wash liquid is added in 
10-ml portions and each portion allowed to drain before addition of the 
next, the first washing will leave y 0 - the total impurity, the second 
washing y () the amount left in the first, and so on. Washing with five 
10-ml portions will, therefore, reduce the amount of impurity to (- fa ) 5 
or to 1/100,000 the original amount. 

Technique. The precipitate is partially washed by decantation be- 
fore it is transferred to the filter. After the bulk of the mother liquor is 
removed, and no more liquid can be poured off from the precipitate, a 
small portion (10-30 ml) of wash liquid is added, the precipitate is 
thoroughly stirred up in the wash liquid and then allowed to settle, and 
the supernatant liquid is poured through the filter. Generally, the re- 
ceiver is replaced by an empty flask or beaker before washing is begun. 
When no more liquid can be poured from the precipitate, another por- 
tion of wash liquid is added, and the process is repeated. After two or 
three washings by decantation the precipitate is transferred to the filter, 
and washing is completed there. In the transfer as much of the pre- 
cipitate as possible is poured into the filter along with the last portions 
of liquid. While the beaker is still above the filter, a stream of water 
from the wash bottle (see Fig. 1G, page 86) is used to dislodge additional 
precipitate and wash it into the filter. Finally a policeman is used to 
rub adhering particles from the walls of the beaker. Particles are 
washed from the policeman directly into the filter by a stream of water 
from the wash bottle. Sometimes the last portions of precipitate adhere 
so strongly to the walls of the beaker that they must be wiped out with 
a piece of ashless filter paper, which is then ignited with the precipitate. 

In filtration with paper the wash liquid must always be added from 
a wash bottle fitted with a tip of small bore. The stream of liquid is 
never directed at the precipitate but around the upper edge of the filter 
paper so that, as it runs down, it will wash the precipitate to the apex 
of the cone. With a Gooch crucible a different technique is employed. 
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Small portions of wash liquid are poured onto the center of the mat with 
the aid of a stirring rod. Here it is necessary to exercise care that the mat 
is not disrupted by the addition of wash liquid. 

Completeness of washing must be tested in every analysis. The test 
is performed by collecting 5-10 ml of the filtrate in a test tube and 
making a simple qualitative test for some readily identified ion, such as 
chloride or sulfate, which is present in the solution at the time of filtra- 
tion. It is seldom advisable to make tests before* six to eight portions of 
wash liquid have been used. When suction is used for filtration, a test 
tube is placed inside the filter flask to catch the test portion. The tube 
is suspended by a wire which runs beneath the stopper. 


Ignition 

.The last stage in a gravimetric analysis is the conversion of the pre- 
cipitate into a form suitable for weighing. This conversion may require 
only the removal of water, or it may require ignition at a high tempera- 
ture to effect a partial decomposition of the precipitate. (Sometimes 
high-temperature ignition may be needed for removal of water, when the 
water is partially combined as in the precipitation of ferric hydroxide.) 

In all analyses it is necessary to bring the crucible to constant weight 
at the same temperature as that employed for ignition of the precipitate. 
If this is not done, there may be loss in weight of the crucible itself dur- 
ing ignition. To bring a crucible to constant weight, clean it and ignite 
for 5-10 minutes. Cool in a desiccator, and weigh accurately. Reignite 
for a 5-10-minute period, cool, and reweigh. Continue the process until 
the weight is constant within 0.3 mg after successive heating periods. 

The technique of ignition varies widely with the different types of 
filtration employed. Gooch crucibles may be dried in an oven, or they 
may require ignition at 600-800 °C. Filter paper may be ignited in 
porcelain, silica, or platinum crucibles. Porcelain crucibles can be 
heated to 1200°C without danger of breaking but are subject to attack 
by alkaline carbonates, alkalies, and hydrofluoric acid. Platinum is 
inert to attack by many reagents and can be heated as high as 1700°C. 
In any ignition (except for substances which attack it), platinum is to 
be preferred because its high thermal conductivity permits rapid attain- 
ment of temperature equilibrium. In flames, precipitates in platinum 
attain a much higher temperature than in porcelain, but in muffle fur- 
naces both types of crucibles attain the same temperature. 

Choice of Burner, Commonly available in all analytical labora- 
tories are Tirrill (double regulator Bunsen-type burners), Meker, and 
blast burners. The temperatures which can be attained with these 
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various sources may be seen in Table 30. These temperatures are, of 
course, only approximate, because there are many variable factors, such 
as thickness of the crucibles and composition of the fuel gas. In gen- 
eral, Meker burners are preferred to blast lamps, because the flame of the 
former is free of reducing gases which may permeate the platinum at 
high temperatures and thus cause damage to the crucible. 

A rough measure of the temperature obtained by a crucible may be 
made by observation of the color. A platinum crucible appears dull red 
at temperatures of 600-850°C. The color is cherry red in the range 
850-1000°C, orange in the range 1000-1 100°C, and yellow in the range 
1100-1200°C. Above 1200 °C the color becomes a very bright yellow, 


TABLE 30 

Approximate Burner Temperatures 



Covered Platinum 

Covered Porcelain 

Burner 

Crucible 

Crucible 

Tirrill 

1050-1150 

600- 700 

Meker 

1100-1250 

725- 900 

Blast 

1100-1300 

900-1000 


which gradually shifts to white with rising temperature. The white 
color is beyond the range of the burners employed in the laboratory. 

Drying Precipitates to Constant Weight in Filtering Crucibles. 
After washing is completed, the crucible is sucked dry on the filter flask 
and placed in an electric oven at 110--130°C. After drying for 1-3 hours, 
the crucible is cooled in a desiccator and weighed. It is then redried, 
cooled, and reweighed. The second weight is usually found to agree 
with the first one. 

Ignition of Gooch and Selas Crucibles. The crucible and con- 
tents are dried in an oven and then ignited inside another crucible or 
ignition thimble as shown in Fig. 27. The two crucibles must not fit 
too tightly together, since uneven expansion will cause breakage. With 
a Meker burner or blast lamp a temperature near 900 °C may be attained. 

Ignition When Filter Paper Is Used. There are many correct 
methods for performing an ignition. The following directions will serve 
as a guide, but they may be modified as circumstances require : 

1. Bring the crucible to constant weight. See above. 

2. Transfer the precipitate to the crucible. After the filter paper is 
well drained in the funnel, fold over the top portion so as to enclose the 
precipitate completely. Lift the bundle from the funnel, and place it 
point down in the crucible. Press it well down to the bottom of the 
crucible to facilitate drying and charring. 
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Ignition in a Muffle Furnace 

3. Dry the paper and precipitate. Time may be saved by doing this 
in an oven overnight. If a wet paper is to be ignited immediately, pro- 
ceed as follows: Put the crucible in a triangle as shown in Fig. 28, but 
put the cover on the crucible instead of slanting it as shown. Place a 
small flame beneath the crucible at a point about midway along the 
lower side. The tip of the flame must not reach the crucible. Heat 
until the paper and precipitate are entirely dry. 

4. Char the paper. Move the flame back until it is beneath the bot- 
tom of the crucible, as shown in Fig. 28. Slightly increase the size of 
flame, and continue to heat until all 
organic matter is distilled from the 
paper. The cover should be slanted as 
in Fig. 28 during this operation. Take 
care that the flame does not strike the 
cover and deflect reducing gases onto 
the precipitate. If the escaping gas 
bursts into flame, reduce the rate of 
heating. 

5. Oxidize carbon. Increase the size 

of the flame until the bottom of the 
crucible is heated to redness. Continue 
to heat until the carbon residue is 
burned away. From time to time the Fig. 28 . Ignition of precipitate 
crucible should be turned, so as to ex- with access of air. 

pose a fresh portion to the heat 

G. Ignition. Place the crucible upright, remove the cover so as to 
permit free access of air, and ignite at the prescribed temperature. 
With some precipitates it is advisable to crush the solid lump before 
ignition, so as to obtain better heat transfer. This is done with a blunt 
stirring rod. Any adhering powder is wiped from the rod with a small 
piece of ashless filter paper which is then placed in the crucible and 
burned. Do not crush the precipitate unless this is approved by the 
instructor. 

Ignition in a Muffle Furnace. A muffle furnace is an enclosed 
chamber which can be heated by electricity to the high temperatures 
(800-1000 °C) needed in ashing samples and igniting precipitates. 
Temperature control is provided by means of a rheostat, and often a 
pyrometer is attached to indicate the temperature. If such furnaces 
are available, they greatly increase the efficiency of the ignition process. 

If a precipitate which has been collected in a filtering crucible is to be 
ignited in a muffle furnace, the crucible containing the precipitate is 
first dried in an oven at 110°C; it is then set inside an ignition thimble, 
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and the two are placed in a muffle furnace which has been preheated to 
the proper ignition temperature. The filtering crucible should previ- 
ously have been brought to constant weight by ignition in the furnace. 

For precipitates which have been collected on a filter paper and the 
paper placed in a porcelain or platinum crucible, the operations of 
charring the paper (see steps 3 and 4, page 327) should be performed. 
The crucible is then placed directly in a muffle furnace which has been 
heated to the proper ignition temperature. The crucibles should have 
been previously brought to constant weight in the furnace. 

Care of Platinum. Platinum crucibles are expensive and should 
have special care. The following rules are to be observed: 

1. Protect from mechanical damage. Platinum is very soft and 
pliable. Crucibles may be reshaped on wooden or metal forms if dented 
or bent. 

2. Never use with oxidizing agents, such as aqua regia, chlorine, 
bromine, or ferric chloride, which react with the metal. 

3. Do not ignite compounds of sulfur, phosphorus, arsenic, selenium, 
mercury, lead, bismuth, silver, tin, or antimony in platinum, since these 
elements (sometimes formed by reduction of the precipitates containing 
their compounds) alloy with it. 

4. Strong bases or salts which decompose into strong bases, for ex- 
ample, barium or lithium carbonates, must not be heated in platinum. 
It is perfectly safe to fuse the carbonates of sodium and potassium. 

5. Never heat platinum ware in a reducing flame since this causes the 
formation of a crystalline deposit on the metal. In time such a deposit 
penetrates the wall of the crucible, causing it to become brittle. 

6. Hot platinum ware should always be handled with platinum-tipped 
or nichrome forceps. Iron forceps must never be used for crucibles which 
are at a temperature above 500 °C, because iron will alloy with the 
platinum. Platinum or silica triangles should be used. Ordinary clay 
triangles often contain enough iron to damage platinum if they are used 
for ignitions. 

7. The surface of platinum must always be kept shiny by scouring 
with talc or sea sand. HC1 is the best cleansing agent. Certain metallic 
stains, especially iron, can be removed by low-temperature fusion with 
potassium acid sulfate. The molten solid should not be allowed to 
solidify in the crucible, but should be poured onto a dry stone or iron 
slab. 

Platinum iridium alloys (such as are often used for crucibles) undergo 
an appreciable loss in weight when heated at temperatures of 1000°C or 
above. The magnitude of this loss is shown in Table 31. Since a 25-ml 
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platinum crucible has an area of about 80-100 sq cm, the error due to 
volatility may be appreciable if the crucible is made of an alloy high in 
iridium. 

Not all crucibles will change appreciably in weight, but the student 
should at all times be aware of this possibility. 

Cooling. All precipitates which have been heated should be cooled 
in a desiccator. Even those precipitates which are not hygroscopic will 
take up some surface moisture if cooled in a moist atmosphere. The 
general use of desiccators has been discussed in Chapter 2; this material 
should be read again before gravimetric determinations are attempted. 

Very hot crucibles are not put into desiccators. The crucible is 
allowed to cool, in the air, for a short time. The cover should be in 

TABLE 31 


Approximate Loss in Weight of Crucibles 
Mg/100 Cm 2 /Hour, at Temperature Indicated * 


Temperature, 

°C 

Pure Pt 

1% Ir 

99% Pt 

2.5% Ir— 
97.5% Pt 

900 

0 

0 

0 

1000 

0.08 

0.30 

0.57 

1200 

0.81 

1.2 

2.5 


* G. K. Burgess and R. G. Waltenburg, Bur. Standards Sci. Paper , 280 (1916). 

place during this period. When the temperature has fallen to 100-300°C, 
the crucible is placed in the desiccator. The cover of the desiccator is 
left slightly open for a few moments, so that heated air may escape from 
the interior; then the cover is closed and the crucible allowed to stand 
until it is completely cool. Platinum crucibles will cool in 10-15 min- 
utes, if the desiccator itself is thoroughly cool, but porcelain crucibles 
require a somewhat longer time. 

Care must be exercised in opening the desiccator. The expansion of 
heated air and subsequent cooling may leave a partial vacuum within 
the chamber, and, if the lid is opened suddenly, a rush of air may blow 
a portion of the contents from the crucibles. Always slide the cover to 
one side very gradually, so that the first opening is on the side opposite 
the crucible. It is not advisable to cool several crucibles at once because 
the repeated opening of the desiccator, to remove the crucibles for 
weighing, permits the crucibles to stand in a not thoroughly dried atmos- 
phere. Rather, several desiccators should be used if many ignitions are 
in progress simultaneously. 



330 


Methods of Gravimetric Analysis 


17 


Weighing 

Ignited precipitates should be weighed in covered crucibles, to prevent 
contact of the precipitate with moist air. This precaution is particularly 
to be observed with precipitates which can take up carbon dioxide. Even 
with covered crucibles, it is sometimes found that a precipitate will show 
an appreciable gain in weight while on the balance pan. In this event 
the precipitate should be reignited. For the next weighing, the approx- 
imate weight should be placed on the balance pan before the crucible is 
removed from the desiccator. Observation of the first swing or set of 
swings will then enable the analyst to compute the exact weight, while 
exposing the precipitate to the air for only a few seconds to make the 
observation. It is necessary, of course, to determine the sensitivity of 
the balance during the process of determining the approximate weight, 
before the final ignition. 

Sometimes, when the ignition is prolonged, the loss in weight of 
platinum crucibles becomes appreciable, and the question arises as to 
what is the proper weight for the crucible when the precipitate has at- 
tained constant weight. In this case the weight of the empty crucible 
should be determined after the ignition , not before, as in the usual proce- 
dure. The precipitate is removed from the crucible, and the crucible 
is washed, dried by brief ignition, cooled, and weighed. 

CALCULATIONS 

The calculations of a gravimetric analysis are in general somewhat 
simpler than those of volumetric analysis. From the weight of precipi- 
tate obtained the amount of the desired constituent present in the 
sample is computed. It often happens that the weight of the precipitate 
is the weight of the constituent in the desired form. For example, 
calcium is weighed as CaO; usually the results of the analysis are ex- 
pressed in terms of the percentage of CaO. When the precipitate is not 
the constituent sought, a gravimetric factor is used to compute the amount 
of the desired constituent. This gravimetric factor is a number which 
expresses the weight of the desired constituent present in 1 g of the 
substance weighed, or equivalent to 1 g of the substance weighed. There- 
fore, multiplication of the weight of the precipitate (in grams) by the 
gravimetric factor gives the weight of the sought constituent (in grams). 
If the weight of precipitate is expressed in other units than grams, the 
weight of constituent is obtained in the same units. 

For illustration we may compute the gravimetric factor for chlorine 
when silver chloride is weighed. Since 1 mole of AgCl is formed from 
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1 mole of Cl ion, a gram-mole of AgCl or 107.88 + 35.46 g is equivalent 
to 35.46 g of Cl” ion. Therefore, 1 g AgCl is equivalent to 35.46/143.34 g 
of Cl - ion. The number 35.46/143.34 or 0.2474 is the gravimetric factor. 

The following rules must be observed in the use of gravimetric factors: 

1. The constituent weighed appears in the denominator and the con- 
stituent sought in the numerator. 

2. The number of molecules in the numerator and denominator must 
be arranged so that they contain the same number of atoms of the ele- 
ments sought for in the analysis. 

A few examples of factors will clarify these rules. 


Weighed 

Sought 

Factor 

BaS0 4 

S 

S/BaS0 4 

BaS0 4 

S0 3 

S0 3 /BaS0 4 

Mg 2 P 2 07 

MgO 

2MgO/Mg 2 P 2 C>7 

Fe 2 03 

Fea0 4 

2Fe 3 0 4 /3Fe 2 0 3 


It is not essential that the substance sought appear in the final pre- 
cipitate, provided that there is a stoichiometric relation between the 
sought substance and the substance weighed. For example, the amount 
of sodium oxalate in a sample might be determined by precipitating as 
calcium oxalate, igniting the precipitate to calcium oxide, and weighing 
the oxide. The gravimetric factor should give the weight of sodium 
oxalate, Na 2 C 2 0 4 , equivalent to 1 g CaO. Since 1 mole sodium oxalate 
gives 1 mole calcium oxalate, which in turn gives 1 mole calcium oxide, 
or 

Na 2 C 2 0 4 = CaC 2 0 4 = CaO 

the gravimetric factor is Na 2 C 2 0 4 /Ca0. 

All chemistry handbooks give tables of gravimetric factors and their 
logarithms. Use of these tables will save considerable time. 

Illustrative Problems. 1. A sample of impure magnetite (Fe 3 0 4 ) weighing 
1.542 g is dissolved by fusion with KHS0 4 ; the iron is oxidized to Fe +++ and pre- 
cipitated with NH 4 OH. The Fe(OH ) 3 precipitate is ignited to Fe 2 0 3 and weighed. 
The weight is 1.485 g. Calculate the percentage of iron as Fe and as Fe 3 0 4 . 6 


Solution: 


2Fe 

1.485 X X 100 

Per cent Fe TT 7 ~ = 67.35% 


1.485 X 


Per cent Fes 04 = 


1.542 

2Fe 3 0 4 

3Fe 2 0 3 


X 100 


1.542 


= 93.09% 


6 Beginning students are frequently confused by this operation. It should be 
kept in mind that we are not computing the amount of Fes0 4 present. We are com- 
puting the weight which would be present if the iron were all combined as Fes0 4 . 
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2. How many milliliters of ammonium hydroxide (density 0.926 g per milliliter, 
20.00 per cent NH 3 by weight) will be required to precipitate the iron in an impure 
sample of FeCJs which weighs 1.500 g? 

Solution: Grams of NH 3 per milliliter = 0.926 X 0.20 = 0.1852. 

Each molecule FeCl 3 requires 3 molecules of NH4OH (or of NH 3 ) for precipitation. 
On the assumption that the Fe( -1 3 is pure, 

3NJT 3 

Grams NIl 3 required = 1.500 X - - 

1 eLl 3 

51.09 

= 1.500 X — - = 0.4725 g 
102.2 

0.4725 

Milliliters NIT4OH = — - - = 2.55 ml 
0.1852 

3. How many milliliters of a 0.150 M BaCl 2 solution are needed to precipitate the 
sulfate from a 0.500-g sample of potassium alum, KoSOr AI2 (80.1)3 -24^0, mol wt 
948.8, if a 10 per cent excess is to be list'd? 

Solution: Each m mol of alum contains 4 m mol S(>4 = and requires 4 m mol BaCl 2 . 


M mol BaCl 2 = X 4 = 2.11 
94S.8 

2.11 mmol 

Stoichiometric volume BaGl 2 = 14.1 ml 

m mol 

0.150 — 

ml 


Volume BaCl 2 to be added = 14.1 X 1.1 = 15.5 ml 


Indirect Analysis. When a sample contains two constituents that 
are separated with difficulty, it is often advantageous to make two de- 
terminations that will provide data for simultaneous equations involv- 
ing the amounts of the two constituents and by solution of these equa- 
tions to compute the amount of each. This procedure may be illustrated 
by the analysis of a mixture of chloride and bromide. By precipitation 
and weighing of the combined silver salts (as AgCl and AgBr), and by 
an independent determination on another aliquot portion of the amount 
of silver needed for a Mohr or Fajans determination, data are obtained 
for the two simultaneous equations needed. 

Problem. Aliquot portions weighing 1.000 g each of a sample containing chloride 
and bromide are analyzed as follows: 

(а) The mixed halides are precipitated, dried in a Gooch crucible, and weighed. 
The weight of combined AgCl and AgBr is 0.8055 g. 

(б) In a Fajans titration 50.00 ml of 0.1000 M silver nitrate solution is needed to 
titrate the chloride and bromide. 

Solution: Let X represent the millimoles of Cl" and Y the millimoles of Br~ 
present in a 1.000-g portion of the sample. Since 50.00 X 0.1000 or 5.00 m mol of 
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Ag + are needed in the titration, the sum, 

X + Y = 5.00 

is obtained. This is one of the necessary equations. 

Since there arc X m mol of Cl” in the sample portion, there arc X m mol of AgCl 
in the halide precipitate. Similarly, there are Y m mol of AgBr in this precipitate. 
Therefore, 

143.3 X = mg AgCl (143.3 is the molecular weight) 

187.8 Y = mg AgBr 
The second equation is 

143.3 X + 187.8 Y = 805.5 mg 
Solving the two equations simultaneously gives 

X = 3.000 
Y = 2.000 


The percentage of Cl is given by the equation, 


Per cent Cl 


3.000 X 35.40 X 100 
1000 


10.64% 


and the percentage of Br by the equation, 


Per cent Br 


2.000 X 79.92 X 100 

fooo 


15.98% 


It should be noted that this indirect computation will give good 
results only when the molecular weights involved are quite far apart. 
If the coefficients of X and Y in the second equation have about the 
same values, the effect will be to magnify any experimental errors, and 
the computed composition may be greatly in error. An indirect de- 
termination of SCN" and Br" will not give such good results as those 
for Cl - and Br", because the molecular weight of AgSCN is 165.96 and 
of AgBr is 187.80. 

A simpler case of indirect analysis involves samples which are mix- 
tures of only two substances. In such cases only one analytical deter- 
mination is necessary, and only one algebraic equation has to be solved. 

Probtam. 0.5000 g of sample which is a mixture of Nad and KC1 yields a 
precipitate of AgCl which weighs 0.9815 g. What is the percentage of KC1 in the 
mixture? 

Solution: Let X — g KC1 present, and, because of the composition of the sample, 
0.5000 - X = g NaCl 

grams AgCl furnished by KC1 = X X = X X 1.923 
grams AgCl furnished by NaCl = (0.5000 — X) X — (0.5000 — X) X 2.452 
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The equation to be solved is 

1.923X + 2.452(0.5000 - X) = 0.9815 
X = 0.4621 

Per cent KC1 = X 100 = 92.4% 

U.oUUU 

QUESTIONS 

1. What methods are commonly employed for isolation of the desired constituent 
in gravimetric analysis? 

2. List the conditions that must be fulfilled in successful gravimetric analyses. 

3. How would you prepare the solution for analysis in each of the following ex- 
amples? If any insoluble residue is obtained in bringing the sample into solution, 
tell what constituents are in the residue. 

An iron ore. 

A limestone. 

A sample of steel. 

A sample of grass. 

A sample of glass. 

4. List the requirements needed in the reagent used for obtaining the final pre- 
cipitate. 

5. A sample is obtained in a nitric acid solution. The following constituents are 
present: Na, Ca, Fe, Co, Al, Cu. Describe the group separations that would be used. 
What constituents will be found with each group? 

6. What organic precipitants have you used in qualitative analysis? For what 
determinations? 

7. List the various common methods for filtration. Tell when each is desirable. 
Which method would you choose for each of the following precipitates: barium 
sulfate, ferric hydroxide, silver chloride, magnesium ammonium phosphate, zinc 
sulfide? 

8. What is digestion of a precipitate? Is this procedure always employed? 
Explain. 

9. When is it advantageous to employ suction with filter paper? Describe the 
arrangement necessary to use suction with paper. 

10. Describe the preparation of a Gooch crucible. 

11. Why should washing be done by the addition of several small portions of 
liquid rather than by a smaller number of larger portions, provided that the same 
total volume of liquid is used in each method? 

12. For which of the following would HC1 be a satisfactory wash solution? 

(а) AgCl precipitated by AgN (>3 in a Cl~ determination. 

(б) AgCl precipitated by NaCl in a Ag + determination. 

(c) Hydrated ferric oxide. 

(d) Calcium oxalate. 

(e) Hydrated silica. 

(/) Lead sulfate. 

13. According to the color scale of temperature given, what temperature do you 
estimate is attainable with the burner available in your desk? 
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14. Describe the various steps employed in the ignition of a precipitate in filter 
paper. 

15. Name three gravimetric determinations in which the material is weighed in 
the same form that it is precipitated. 

16. Why should ignited precipitates be cooled in a desiccator? 

17. What may occur if the desiccator cover is suddenly removed after an ignited 
precipitate has been cooled? 

18. Make a list of more common errors in gravimetric analysis. Compare this list 
with the one given in the book. 

19. In which of the following determinations is no gravimetric factor required in 
the calculation? 

(a) Lead reported as Pb and determined by anodic deposition. 

(b) Aluminum reported as AI 2 O 3 . 

(e) Silver reported as Ag 20 . 

(< d ) Copper reported as Cu and determined by electrodeposition. 

(e) Tin reported as Sn. 


PROBLEMS 


1 . Calculate the chemical factors: 


Weighed 

(NH 4 ) 2 PtCl 6 

AgCl 

K 2 PtCl 6 

Cu 2 S 

K 2 PtCl 6 

Pb 3 0 4 

BaS0 4 

CaO 


Sought 

NH 3 

Mg(C10 4 ) 2 

K 2 0 

CuO 

K 

Pb 

FeS 2 

II 2 C 2 0 4 ■ 2H 2 0 


Factor 


2 . Calculate by factors the following: 

(a) The tons of limestone (CaC0 3 ) needed for the preparation of 5 tons of lime 
(CaO). 

(i b ) The pounds of BaCl 2 needed to furnish 1.50 lb of chlorine by an electrolytic 
process. 

(c) The weight of oxalic acid (H 2 C 2 0 4 • 2H 2 0) in milligrams needed to precipitate 
the calcium in a 0.5000-g sample of phosphate rock of the composition Ca 3 (P0 4 ) 2 . 

(d) The weight of pyrites, FeS 2 , in kilograms that must be burned to produce 
3.60 kg sulfuric acid. 

(e) The milligrams of Mn 3 0 4 which can be obtained by strongly heating 0.2500 g 
Mn0 2 . 

3. A 0.8000-g sample of pyrolusite (Mn0 2 ) yielded 1.282 g Mn 2 P 2 07 . What is 
the percentage purity of the ore? 

4. What is the percentage purity of a sample of A1 2 (S0 4 ) 3 if a 0.5000-g sample 
produced a precipitate of BaS0 4 weighing 1 .000 g? 

5. A 2.350-g sample of K 2 Cr0 4 yielded an ignited precipitate of Cr 2 0 3 which 
weighed 0.9055 g. Calculate the percentage Cr and the percentage purity of the salt. 

6 . A 0.8050-g sample of brass, on analysis, yields 0.2537 g of Sn0 2 , 1.0752 g of 
Zn 2 P 2 07 , and 0.1571 g of copper. Calculate the percentage of copper, tin, and zinc 
in the sample. 
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7. An impure sample of Na2S04 weighed 1.562 g. A BaS0 4 precipitate from this 
sample weighed 2.496 g. Calculate the percentage of sulfur and the percentage 
purity of the salt. 

8. What is the percentage of Fc30 4 in an ore sample which weighed 0.5350 g? 
The sample was dissolved by fusion with KHS0 4 , oxidized by Br2 water, and the 
iron was precipitated as hydrous ferric oxide. The ignited ferric oxide weighed 
0.5178 g. 

9. A 0.8500-g sample of pyrites, FeS2, was fused and the sulfur oxidized to SC^. 
The precipitate of BaS(>4 weighed 1.4300 g. What is the percentage of pyrites in 
the ore? 

10. A chromium ore was brought into solution by an oxidizing flux. 0.5000 g of 
the ore produced a precipitate of BaCr0 4 weighing 0.5000 g. What is the percentage 
of Cr2C>3 in the ore? 

11. A sample of rock taken for analysis weighs 1.0000 g on an air-dry basis. After 
drying for one hour at 110°C the sample weighs 0.9437 g. The calcium is precipitated 
as oxalate but weighed as CaS(>4; this weighs 0.5000 g. The magnesium is precipi- 
tated as MgNI^PCb which ignited to 0.5000 g MgaPa^V Find the percentages of 
CaO and MgO on an oven-dry basis and the percentages of these as well as of H2O 
on an air-dry basis. 

12. In a steel analysis the CO2 from the combustion of carbon is absorbed in 
“asearite.” If the gain in weight of the absorbent for a 0.5000-g sample of steel is 
15.6 mg, what is the percentage of O in the steel? 

13. A 0.5000-g sample of FeO is ignited to Fe2C>3; what is the percentage gain in 
weight? 

14. A 0.7650-g sample of clay, containing 20.50 per cent- moisture, gave a precip- 
itate of potassium perchlorate weighing 0.3822 g. What is the percentage of K2O in 
the clay on a dry basis? 

15. A metallic alloy which is 60 per cent Co and 40 per cent Ni is analyzed by 
determining the cobalt by elec trodoposit ion and the nickel by precipitation with 
dimetliylgly oxime. What weight of precipitates will be obtained from a 0.6000-g 
sample of alloy? 

16. A limestone sample weighing 0.7735 g gave a precipitate of CaC204 which 
was ignited to CaO and weighed 0.3135 g. 

(а) Express the percentages of the following in the dolomite: CaO, CaC03, 

CaSi03, and Ca2$i207, on t he assumption that all flic calcium in the rock is present 

as the specified constituent. 

(б) What would the ignited precipitate have weighed had it been ignited to: 
CaC0 3 , CaS0 4 ? 

(c) If the precipitated CaC20 4 had been dissolved in H 2 SO 4 , what volume of 

0.1000 N KM11O4 would have been required for titration? 

17. What weight of sample which contains 56.15 per cent Cl was taken for analysis 
if the precipitated AgCl weighed 0.5017 g? 

18. What size sample of a mixture which is approximately 15 per cent S should 
be taken for analysis in order that the proportionate error in determining the weight 
of the precipitate on an ordinary analytical balance does not exceed 1/1000? (The 
precipitate is weighed as BaS0 4 ). 

19. *A sample of pure K2S04* Al2(S0 4 )3-24H20 weighs 1.215 g. 

(а) What volume of NII3 solution (density = 0.9 g/ml, 28% NH3) is needed 

for precipitation? 

(б) What weight of ignited AI2O3 will be obtained from the precipitate in (a)? 
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20. How many milliliters of NH 3 (density = 0.91 g/ml, 25% NH 3 ) are needed 
to precipitate the iron as hydrated ferric oxide from a 0.1262-g sample of FeCl 2 ? 

21. How many milliliters of saturated bromine water (0.16 M) are needed to 
oxidize the iron in Problem 20 to the ferric state? 

22. How many milliliters of 0.1 M NH 3 solution are needed to precipitate the iron 
as ferric hydroxide from a 2.000-g sample of ore which is approximately 80 per cent 
Fe 3 0 4 ? 

23. How many milliliters of HN0 3 of specific gravity 1.10 (consult handbook for 
composition) are needed to dissolve 0.5000 g Ag if the reduction product is N0 2 ? 

24. How many milliliters of a solution which contains 1.0 g AgN0 3 per 20.0 ml 
are needed to precipitate the AgCl from a 0.5000-g sample of HaCl 2 *2H 2 0 if a 5 
per cent excess is to be used? 

25. If a 10 per cent excess is to be used, how many milliliters of 0.15 M AgN0 3 are 
needed to precipitate the AgCl from a sample which weighs 0.5000 g and contains 
3.00 m mol Z 11 CI 2 ? 

26. How much 0.15 M Na 2 S0 4 solution is needed to precipitate the BaS0 4 from 
the sample of Problem 24 if no excess is to be used? 

27. Find the number of milliliters of a solution wliich contains 0.2000 mole of 
BaCl 2 in 500-ml solution which are needed to precipitate S0 4 ~ from 3.00 m mol 
A1 2 (S0 4 ) 8 as BaS0 4 . 

28. How many milliliters of a solution of 2.0 g Ba(N 03) 2 in 100 ml of solution are 
needed to precipitate the BaSOi from a 0.5000-g sample of Fe 2 (SG 4 ) 3 • 9H 2 0 if a 
20 per cent excess is to be used? Would you advise the procedure? 

29. A sample is known to be NaCl, KC1, or MgCl 2 , or a mixture of these con- 
stituents. What is the smallest volume of 0.2 M AgNG 3 that will insure the complete 
precipitation of AgCl, regardless of the composition of the sample? 

30. How many milliliters of a 1.00 per cent alcoholic solution of dimethylglyoxime 
are needed to precipitate the nickel contained in a 0.750-g sample of ore which is 
approximately 35 per cent Ni? 

31. What volume of a solution which contains 1.2 g (NH 4 ) 2 C 2 0 4 per 100 ml is 
needed to precipitate the calcium from a 1.0-g sample of phosphate rock which is 
essentially tertiary calcium orthophosphate? 

32. How many milliliters of a 20 per cent by weight solution of (NTI 4 ) 2 Cr 2 0 7 
are needed for the precipitation of barium as chromate from a 1 g sample of mixture 
which is 50 per cent Ba(ISI (>3)2 and 50 per cent Sr (N (>3)2. The precipitation reaction is 


2Ba ++ -f- Cr 2 C >7 H 2 0 -f - 2Ac — 2BaCr0 4 -f* 211 Ac 


33. What weight of sample should be taken for analysis so that each 10.0 mg 
precipitated AgCl represents 1.000 per (sent Ag 2 0 in the original sample? 

34. What weight of sample should be taken for analysis so that exactly twice the 
weight in mg of precipitated BaSOi is the percentage of S0 3 in the original sample? 

35 . A 0.5000-g sample of an alloy gave a precipitate of Fe 2 0 3 and A1 2 0 8 which 
weighed 0.2000 g. The alloy contained 5.00 per cent Al. How much 0.1000 N 
KMn0 4 is needed for titration of the ignited precipitate after fusion with K 2 S 2 O 7 
and reduction in a Jones reduct or? 

36. A 1.000-g sample of a mixture which consists only of NaCl and KC1 gave a 
precipitate of AgCl which weighed 2.000 g. What are the percentages of Na and K 
in the mixture? 

37. A sample contains both Cl - and Br“ The precipitate of mixed silver halides 
obtained from a 1.0175-g portion weighs 0.8845 g. The precipitate is reduced in a 
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stream of hydrogen, the silver dissolved in nitric acid and determined by the Volhard 
procedure, 48.14 ml of 0.1010 M thiocyanate solution being used for the titration. 
Compute the percentage of chlorine and bromine in the sample. 

38. A mixture of only AgCl and Agl is heated in a current of chlorine, thereby 
converting the Agl to AgCl. This conversion causes a loss of 6.00 per cent of the 
original weight. Find the percentage of Cl in the mixture. 

39. In what proportions should potassium and ammonium bromides be mixed to 
make a salt mixture which is 70.00 per cent Br? 

40. How many grams of KC1 should be added to 100 g NaCl to make a mixture 
which contains 55.0 per cent Cl? 

41. A mixture of BaCb and KC1 contains 40.00 per cent Cl. What is the per- 
centage of barium in the mixture? How many grams of BaCl2 should be mixed with 
0.5000 g KC1 to produce the mixture? 

42. What is the percentage composition of a mixture of KC1 and NH4CI which 
has the same percentage of Cl as NaCl? If 0.5000 g of the mixture is strongly ignited, 
what is the weight of the residue? 



CHAPTER 



Equilibria in Precipitation 
Reactions 


In this chapter we shall discuss the equilibria between precipitates 
and their ions and the factors which govern the completeness of pre- 
cipitations. This material is an extension to a two-phase system of the 
law of chemical equilibrium which was previously discussed in Chap- 
ter 9. It is, of course, possible to carry out gravimetric analyses by 
merely following the laboratory precedures without understanding the 
principles on which the procedures are based. However, one who wishes 
to be more than a routine technician must understand these principles 
so that he can avoid errors or can develop new methods as needed. 

In the first portion of this chapter we shall consider simple systems 
in which only one substance may precipitate. This is followed by a 
discussion of the more complex equilibria that are involved in separa- 
tions of one constituent from other components of a sample. 

COMPLETENESS OF PRECIPITATION 

Solubility. Before discussing the phenomena of precipitation we 
should review the subject of solubility. At first thought this appears to 
be a simple matter; a solid is placed in water and goes into solution 
until an equilibrium condition is reached when the solution becomes 
saturated. But what makes the solid dissolve? Why are some sub- 
stances more soluble than others? Why is the solubility different for 
different solvents? Answers to these and other questions are not known 
completely. We can only indicate in a qualitative manner some partial 
answers. 

Solubility is in a broad sense an indication that attractive forces exist 
between solute and solvent ions or molecules. If solute molecules are 
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not attracted more strongly by solvent molecu les than hv : their ow n 
type of molecules, a solution is not fo rmed. For example, oil and water 
are~very~sITghtly soluble irTone another because oil molecules are at- 
tracted to one another more strongly than to water molecules and water 
molecules are attracted to one another more strongly than to oil mole- 
cules. Therefore, if oil and water are shaken together to form an emul- 
sion, there soon results on standing a two-phase system, as oil molecules 
are squeezed out of the water phase and water molecules are squeezed 
out from the oil phase. Quite different is the behavior of water and al- 
cohol, whose molecules attract one another strongly. Not only are 
these liquids miscible in all proportions, but so strong are the attractive 
forces between the molecules that there is a contraction in volume when 
alcohol and water are mixed. 

We do not know the exact nature of the attractive forces that cause 
molecules or ions to go into solution. In some ways the attraction must 
be like the forces that cause two molecules to react with one another, 
since the forces of solution are specific for certain molecules or ions. In 
organic chemistry a rule-of-thumb guide to predict when solubility 
will occur is “Like dissolves like,” which means that compounds of 
similar groups or structures will dissolve in one another. 

When a solid is immersed in a liquid, solution can occur only if atoms, 
ions, or molecules of the solid are strongly enough attracted by the 
liquid so that the forces which hold the particles in the solid are over- 
come. These forces in the solid state are quite strong. Most pure 
solids are crystalline in nature, and the atoms or ions are arranged in a 
regular network, as illustrated in Fig. 29, page 360, so that every 
particle has exactly the same surroundings as every other like particle. 
In a sodium chloride crystal, for example, each sodium ion is surrounded 
by 6 chloride ions and each chloride ion by 6 sodium ions. When such a 
crystalline solid is heated, each lattice particle vibrates about its equi- 
librium position with increased amplitude. The crystal structure is not 
broken down until the amplitude of the vibrations becomes sufficiently 
great to remove particles completely from the lattice positions. At 
this temperature the solid becomes a liquid or melts. The melting point 
for most inorganic crystals is quite high, which indicates that consider- 
ablej cnergy is required to overcome the for ces which hold the particles 
i n the crystal lattice. 

If now a crystal goes into solution, energy is likewise required to 
break down the crystal structure. This energy must be furnished by 
the energy of combination of solvent molecules with the lattice particles 
which go into solution. We reason therefore that in view of the thermal 
stability of crystals the energy of solution must be quite large. 



18 Equilibria Between Precipitate and Solution 341 

Most inorganic compounds have crystals of the ionic type; the Iattic 
positions are occupied by ions as in the NaCl crystal previously de- 
scribed. When such crystals dissolve, they go into solution as positive 
and negative ions rather than as molecules. A sodium chloride crystal 
gives a solution of Na + and Cl“ ions, not NaCl molecules. There are 
reasons to believe that all such ions are hydrated or combined with 
water molecules. Thus the Na + ion is really Na(H 2 0)* + and the Cl“ 
ion is really 01 ( 1120 ) 2 /“. 

Every known inorganic ion is soluble unless it occurs with some other 
ion that prevents its going into solution. Both Ag + and Cl~ ions are 
soluble since both AgN0 3 and NaCl are soluble. Yet AgCl is only 
slightly soluble. This must mean that Ag + and Cl“ ions are so tightly 
held in the crystal lattice that the attractive force between these ions 
anjd water molecules is weaker than the crystal-lattice forces. Why this 
is true for AgCl and not for AgN0 3 is something we cannot explain. 
The facts of solubility must be accepted as empirical. Crystals such as 
AgN0 3 , BaCl 2 , FeCI 3 , MgS0 4 are soluble, whereas other combinations 
of the same ions, such as AgCl, BaS0 4 , Fe 2 0 3 , are insoluble. 


EQUILIBRIA BETWEEN PRECIPITATE AND SOLUTION 

S olubilitv-product Constant^ At room temperature the solubility 
of AgCl is about 0.0015 g per liter or approximately 1 X 10“ 5 mole per 
liter. In solution the following equilibrium exists: 

AgCl (8olid) = Ag+ + Cl" 

Since each mole that dissolves yields a mole each of Ag + and Cl“ ions, 
the concentration of each ion in a saturated solution is 1 X 10“ 5 molar. 
Application of the law of chemical equilibrium gives 

[Ag+][C1-] + + 

= a constant 

[AgCl( SO iid)] 

Since [AgCl] refers to the crystal, whose concentration does not change, 
the expression can be simplified to 

[Ag" f ][Cl“] = K SP 

where the constant is known as the solubility-product constant. In a 
saturated solution [Ag + ] == 1 X 10“ 5 and [Cl“] is the same. We can 
evaluate Ksp by substitution of these values, or 

[Ag+][C1“] = (1X 10“ 5 )(1 X 10“ 5 ) = 1 X 10“ 10 = K SP 
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Similarly, in a saturated solution of barium sulfate we have the relation, 

[Ba ++ ][S0 4 = ] = K SP 

For a polyvalent insoluble substance, such as Mg(OH) 2 , we have the 
equilibrium, 

Mg(OH) 2(8olid) = Mg++ + 20H- 

The solubility-product expression is 

[Mg++][OH-] 2 = Ksp 

For the general case, 

M X N v — xM ions + yN ions 
the solubility-product expression is 

[M ion]*[N ion] 2 ' = Ksp 

It should be noted that in the Ksp expressions, just as in other chemi- 
cal equilibria of solutions, all concentrations are expressed in moles per 
liter. The reason is that the equilibria depend on the number of mol- 
ecules per unit volume of the solution, which in turn determines the 
number of collisions per unit time. 

Relation of Solubility to Ksp. It is obvious from the preceding 
discussion that the value of the Ksp constant may be computed from 
the measured solubility, or, conversely, the solubility may be computed 
from the value of the constant. These computations are illustrated in 
the following examples. 

1. The value of Ksp for barium sulfate is 1.1 X 10~ 10 (see Appendix). Compute 
the solubility in grams per 100 ml. 

Solution: Write the chemical equation, 

BaS0 4 (solid) = Ba ++ + S0 4 " 

We may denote by X the molar concentrations of barium and sulfate ions. Then 

X 2 - K S p = 1.1 X 10" 10 
Solution of this equation gives 

X = Vl.l X 10- 10 = 1.05 X 10~ 6 

Since each mole of barium sulfate which dissolves yields a mole each of barium and 
sulfate ions, X represents the number of moles of BaS0 4 which go into solution 
in 1 1. The weight dissolved per liter is then the product of the molecular weight by 
the number of moles per liter, or 

Weight in grams per liter = 1.05 X 10~ 5 X 233 

= 245 X 10~ 5 g per liter 
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From this value we may compute the grams per 100 ml: 

Grams per 100 ml = 245 X 10~ 6 X 0.1 
= 24.5 X 10" 5 
= 2.45 X 1(T 4 

2. The solubility of Mg(OH) 2 is 0.0009 g per 100 ml. Compute the solubility- 
product value. 

Solution: The molar solubility is not given, but it may be calculated by dividing 
the solubility in grams per liter by the molecular weight, 58.34. Since the solubility 
is 0.0009 g per 100 ml, the solubility in grams per liter is 1000/100 X 0.0009 = 0.009 
g per liter. Division by 58.34 gives 1.54 X 10 -4 as the molar solubility. 

From the chemical equation, it is obvious that each mole which dissolves yields 

1 mole of magnesium ion and 2 moles of hydroxide ion. The concentration of mag- 
nesium ion is, therefore, 1.54 X 10~ 4 , and the concentration of hydroxide ion is 

2 X 1.54 X 10“ 4 . Substitution of these values into the solubility-product equation 
gives 

(1.54 X 10“ 4 ) (2 X 1.54 X 10“ 4 ) 2 = K S p = 14.6 X 10“ 12 

3. The solubility product for silver chromate is 9 X 10~ 12 . Calculate the solubility 
in grams per 100 ml. 

Solution: Here there is extensive hydrolysis of one constituent, the chromate ion, 
but the effect is ignored in the calculation. The chemical equation is 

Ag 2 Cr0 4 (solld) = 2Ag + -f CrO 4 “ 

The solubility-product equation has the form, 

[Ag+] 2 [C r 0 4 =] = Ksr = 9 X HT 12 

Each mole of salt, on dissolving, yields 2 moles of silver ion and 1 mole of chromate 
ion. If the number of moles dissolved in a liter is denoted by X, the concentration of 
silver ion is 2X, while that of chromate ion is X. Substitution of these values in 
the solubility-product expression gives the equation: 

(2X) 2 (X) =9 X l(r 12 

4X 3 = 9 X 1CT 12 

X = 1.3 X 10~ 4 mole per liter 

In order to determine the concentration in grams per 100 ml, the molar concentration 
is multiplied by the number of liters, and the product is multiplied by the molecular 
weight, 332. 

Grams per 100 ml = (1.3 X 10“ 4 X 100/1000) X 332 = 4.3 X 10 -3 

Common-ion Effect. It is obvious, from the solubility-product ex- 
pression, that, if the concentration of one ion is increased in a solution 
which is in equilibrium with a precipitate, the concentration of another 
ion of the precipitate must be decreased in order to maintain equilib- 
rium. Therefore, addition of one ion of a precipitate to a saturated 
solution will cause the formation of more of the solid phase. A familiar 
example is the precipitation of sodium chloride from a saturated solution 
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by the addition of hydrogen chloride. As HC1 gas is passed into the 
solution, the concentration of chloride ion is increased, and equilibrium 
is maintained by precipitation of sodium chloride, which lowers the 
concentration of sodium ion. The effect of an ion of the precipitate on 
the solubility is known as the common-ion effect . 

Advantage is taken of the common-ion effect to reduce the solubility 
of precipitates. By addition of an excess of precipitant, the amount of 
the ion sought which remains in solution may be greatly reduced. For 
example, in a saturated solution of silver chloride the concentration of 
chloride ion is 10~ 5 M, or 35.46 X 10~ 5 g of chloride ion remain in solu- 

TABLE 32 

Effect of Temperature on Solubility 


Precipitate 

Solubility in Grams per 100 Ml 


Cold 

Hot 

AgBr 

8 X 1(T 6 

4 X 10 " 4 (100°) 

Ag 2 C0 3 

3.4 X 10~ 3 (15°) 

5 X 10' 2 (100°) 

AgCl 

8.9 X 1(T 8 (10°) 

2.17 X 10“ 3 (100°) 

AgI0 3 

3 X 10- 3 (10°) 

1.8 X 10- : 2 (60°) 

BaS0 4 

1.15 X 10” 4 (0°) 

2.85 X 10~ 4 (30°) 

BaC0 3 

2.2 X 10~ 3 (18°) 

6.5 X 10- 3 (100°) 

CaC 2 04 

6.7 X 10~ 4 (13°) 

1.4 X 10- 3 (95°) 

CaC0 3 

6.5 X 10~ 3 (20°) 

2 X 10- 3 (100°) 


tion per liter. If an excess of silver ion is added to bring the final silver- 
ion concentration to 10~ 3 M, the chloride-ion concentration is cor- 
respondingly reduced, as shown in the computation, 


m = 


K SP 

[Ag + ] 


10~ 10 

10~ 3 


10“ 7 


and the grams chloride ion per liter are reduced to 35.46 X 10~ 7 . 

Factors Affecting Solubility. In the preceding discussions the 
solubility is taken as that in pure water, at room temperature. These 
conditions do not always apply, and the analyst should know of the 
factors which may affect solubilities and the K^p values of precipitates. 
The more important of these are the effects of temperature, change in 
solvent, and the neutral-salt effect. 

In general, an increase in temperature will increase solubility, some- 
times to a very marked degree. In some cases, however, there is little 
change in solubility with increase in temperature. In Table 32 there 
are listed some typical solubility data at various temperatures. Inspec- 
tion of these data reveals that in extreme cases there may be a 50- to 
100-fold increase in solubility when the solution is heated. Conse- 
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quently, care must be exercised in the application of computations based 
on room-temperature data to a system at a different temperature. 

A change in solvent will usually cause a large change in solubility ; 
and, in j£eneral ; jnost inorganic salts are less soluble in organic solvents 
Blanm pure water. Occasionally advantage is taken of this behavior to 
separate lomTwhose differences in solubility in water are not sufficiently 
great to achieve the separation. For example, strontium is often pre- 
cipitated as SrCr 04 in an alcohol-water solution, in the qualitative 
separation from calcium. The perchlorate method for quantitative 
determination 6f sodium is based on the fact that potassium perchlorate 
is only slightly soluble in organic liquids such as absolute alcohol or 
ethyl acetate while sodium perchlorate is soluble. It is probable that 
analysts will more and more turn to the use of non-aqueous solvents to 
effect separations that cannot at present be made from water solutions, 
because of lack of suitable insoluble compounds. 

The neutral-salt effect is an increase in solubility when neutral salts 
with no common ion are added to a saturated solution of a slightly solur 
TTe^substance. For example, BaSC >4 is over twice as soluble in dilute 
KN0 3 solution as in pure water, 1 and CaC^CVI^O is about 4 times as 
soluble in O.G N NaCl as in water alone. The effect of the neutral salt is 
to increase the attraction of the solvent for lattice ions of the precipitate, 
presumably by the electrostatic attraction of the neutral-salt ions. In 
general, the magnitude of the neutral-salt effect is not large unless there 
are present very large concentrations of the salt, a condition which is 
otherwise undesirable because of the increased possibility of contamina- 
tion of the precipitate. The analyst should, however, keep in mind the 
possibility that an excess of electrolytes in the liquid may to some extent 
increase his solubility losses. 

Applications in Analysis. We may now summarize the applica- 
tions of the law of chemical equilibrium to precipitation equilibria and 
show how account is taken of these equilibria in the analytical proce- 
dures. 

1. Precipitation is never complete. Since the solubility-product 
equation for a salt in which both ions have the same valence has the 
form of a hyperbola ( xy = a constant), it is not possible to reduce the 
concentration of one ion to zero unless the concentration of another ion 
becomes infinite. However, for practical purposes precipitation is com- 
plete when the amount of substance remaining in solution is less than 
the limits of weighing, or about 0.1 mg. 

1 E. W. Neumann, J. Am. Chem. Soc. f 56, 879 (1933). Kolthoff and Sandell 
Textbook of Quantitative Inorganic Analysis , page 57. 
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Most of the gravimetric procedures are based on precipitates of such 
low solubility that errors due to incomplete removal of ions from solu- 
tion are negligibly small. Incomplete precipitation is generally the 
least important source of error. There are, however, occasional analyses 
which employ precipitates of appreciable solubility because more insol- 
uble ones are not known; in such analyses solubility losses may become 
appreciable if care is not taken to use minimum volumes of solution 
and otherwise keep solubility losses as low as possible. 

2. Use of a common ion in precipitation decreases the amount of the 
sought ion which remains in solution. Use of an unduty large excess of 
common ion is not desirable, because it may increase the degree of con- 
tamination of the precipitate and may even cause increased solubility 
because of the neutral-salt effect. 

3. A common ion is advantageously used in washing precipitates of 
appreciable solubility. To be suitable for such use the common ion 
must be one of the precipitant, not of the sought constituent, and must 
be provided in a form such that any excess is removed by volatilization 
when the precipitate is ignited or dried. 

In the majority of analyses it is not possible to find a volatile common 
ion which is suitable for use, and washing is done with pure water or 
with water which contains a small amount of an electrolyte to prevent 
the precipitate from becoming colloidal. There is more danger of 
appreciable solubility losses in the wash water than in the precipitating 
solution when no common ion can be used, and, if care is not taken to 
use a minimum volume of wash liquid, the loss due to solubility may 
become appreciable. 

4. The solubility-product relation may be used to compute the weight 
of precipitate which is lost by solubility. We may illustrate by compu- 
tation of the loss of AgCl in precipitation and washing. 

(a) Loss in mother liquor. As shown previously, the solubility of 
AgCl is at room temperature about 0.00015 g per 100 ml or 1 .5 X 10"~ 3 g 
per liter. The molar solubility is about 1 X 10~ 5 moles per liter and 
the Ksp value about 1 X lO"" 1 ^. If 3 m mol NaCl is treated with 3.5 m 
mol AgN0 3 in a total volume of 200 ml, there is an excess of 0.5 m mol of 
silver ion over that required for complete reaction with the chloride ion 
(3.5 m mol Ag + — 3.0 m mol Cl“ = 0.5). Therefore the concentration 
of Ag + in excess of the stoichiometric amount is 0.5/0.200 or 2.5 m mol 
per liter = 2.5 X 10 ~ 3 mole per liter. 

Since the amount of Ag + contributed by the solubility of AgCl is 
negligible with respect to the [Ag + ] in excess, the [Ag + ] in excess may be 
substituted directly into the solubility-product expression to compute 
the [Cl“]. 


(2.5 x i0“ 3 )[cr] = i x i(r 10 
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or 


[c n = 


i x icr 10 

2.5 X 10“ 3 


= 0.4 X 10“ 7 


The number of millimoles of chloride ion remaining in solution is the 
volume-molarity product : 

Millimoles Cl* lost = 200 X 0.4 X 10* 7 

= 80 X 10~ 7 


The percentage of the chloride ion lost is given by 

80 X 10“ 7 _ 

Per cent loss = X 100 = 0.00027% 

Thus the error due to solubility loss is negligible. 

On a weight basis the loss of chloride ion is given by 

Milligrams Cl* in solution = 200 X 0.4 X 10“ 7 X 35.46 

= 28 X 10“ 5 mg 

( b ) Loss in wash liquid. In the chloride determination it is not feas- 
ible to use a common ion in the wash liquid (why?). Consequently the 
solubility is that of AgCl in pure water, or 1 X 10~ 5 mole per liter. If 
200 ml wash water is used, the solubility loss is 0.200 X 1 X 10~ 5 mole 
per liter, and the loss in grams of chloride ion is 

Weight chloride ion in solution = 0.200 X 10“ 5 X 35.46 

= 0.000071 or 0.071 mg 

This loss, too, is negligible. 

If precipitation and washing are done at 100 °C, the losses are greater. 
According to the data of Table 32, the solubility of AgCl at 100°C is 
0.00217 g per 100 ml or 1.5 X 10~ 4 mole per liter, and the Ksp value 
is 2.25 X 10* 8 . Computation as above shows that loss of chloride ion 
in the mother liquor is about 0.07 mg, and in 200 ml wash liquid is 
about 1 mg. 

It must be realized that the magnitudes of the losses caused by 
solubility in the wash water which have just been calculated represent 
hypothetical maxima. It is unlikely that wash water remains in con- 
tact with a precipitate long enough to form a saturated solution. Fur- 
thermore, in a chloride analysis some of the excess silver nitrate used in 
the precipitation adheres to the solid silver chloride, and the Ag + so 
remaining acts as a common ion in the early stages of washing. 
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Equilibria in Precipitation Reactions 


COMPLEX EQUILIBRIA IN PRECIPITATION 

In many gravimetric separations it is necessary to consider the com- 
bined effects of precipitation equilibria and other equilibria. We shall 
in this section discuss a few such cases, to illustrate the general type of 
treatment and to point out some of the more common analytical appli- 
cations of complex equilibria. 

Separations by Control of pH. Many of the precipitations of ana- 
lytical chemistry utilize the insolubility of hydroxides, sulfides, phos- 
phates, carbonates, oxalates, and salts of other weak acids. In all these 
precipitations the pTI of the solution will affect the completeness of 
precipitation, because the hydrogen-ion concentration of the solution 
determines the concentration of the precipitant ion. In the hydrogen 
sulfide precipitations of qualitative analysis, for example, there are the 
equilibria: 

H 2 S - H + + HS“ 

HS~ = H + + S" 


Application of the equilibrium law gives the expressions: 


[H + J[HS~] 

IH 2 S] 


= K l = 9X 10- 8 


[H+ipn 

[HS-] 


= K 2 = 1 x 10 - 15 


Combining these gives 

[H + ] 2 [S°3 

[H 2 S] 


KiK 2 = 9 X 10~ 23 


If a saturated solution of hydrogen sulfide (approximately 0.1 M) is 
acidified with hydrochloric acid at a concentration of 0.2 M, the sulfide- 
ion concentration is computed by means of the last equation: 


(0.2) 2 [S°] 

( 0 . 1 ) 


= 9 X 10 -23 


[S“] = 2 X 10 


— 22 


The solubility product for CuS is given as 3.5 X 10"“ 38 (see Appendix). 
Substitution of the value for the sulfide-ion concentration, as previously 
calculated, gives 

3.5 X 10“ 38 

[Cu++] - 


2 X 10 


-22 


= 1.7 X 10“ 16 
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Therefore, the precipitation of CuS by hydrogen sulfide in a 0.2 M 
hydrochloric acid solution is quantitative. But for ZnS, whose solubil- 
ity product is 1.2 X 10~ 23 , a similar computation shows that the con- 
centration of zinc ion remaining in solution is 0.06 M. Treatment of a 
mixture of copper and zinc salts with hydrogen sulfide gives precipita- 
tion of the copper while the zinc is left in solution. In order to precipitate 
ZnS it is necessary to decrease the hydrogen-ion concentration, by neu- 
tralization, thus permitting the sulfide-ion concentration to increase to 
such an extent that the solubility product for ZnS is exceeded. 

The equilibria of the preceding computations may be used to show 
that, if a mixture of copper and zinc sulfides is treated with an acid, the 
zinc sulfide will dissolve while the copper sulfide will be unaffected. Zinc 
dissolves because the equilibrium, 

ZnS (8olid) = Zn ++ + S- 

is shifted as sulfide ion is removed to form undissociated hydrogen sulfide. 
In the case of the copper sulfide the formation of hydrogen sulfide does 
not repress the sulfide-ion concentration to a sufficient degree that any 
appreciable amount of cupric ion can go into solution. It may be re- 
called that to bring cupric sulfide into solution it is necessary to remove 
sulfide ion completely, by oxidation with hot nitric acid or a mixture of 
hydrochloric acid and potassium chlorate. 

Several examples of the effect of pH on precipitations involving the 
anion of a weak acid may be cited, in addition to the hydrogen sulfide 
separations of qualitative analysis: 

1. Phosphates are often present along with calcium and magnesium 
ions. In the determination of phosphate it is necessary to make the 
precipitation from acid solution, since, if the solution is basic, the con- 
centration of phosphate ion will be increased to such an extent that the 
solubility products of both calcium and magnesium phosphates will be 
exceeded. It happens that ammonium phosphomolybdate is so insolu- 
ble that complete precipitation of phosphates is obtained even from 
quite strongly acid solutions, where no precipitation of calcium or 
magnesium phosphate occurs. 

2. Magnesium (zinc and manganese behave similarly) is usually pre- 
cipitated as magnesium ammonium phosphate. This precipitate will not 
form in acid solution, because the concentration of phosphate ion is kept 
so low that the solubility product cannot be reached, that is: 

[Mg+ + ][NH 4 + ][P0 4 T < K SP 

In an ammoniacal solution the concentration of hydrogen ion is reduced, 
and consequently the concentration of phosphate ion is increased to such 
an extent that precipitation takes place. 
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3. Calcium is usually precipitated as the oxalate. Since oxalic acid is 
a weak acid, this precipitate cannot be formed in a strongly acid solu- 
tion. It is customary to add oxalic acid to a hydrochloric acid solution 
of the calcium ion, and then to neutralize with ammonium hydroxide. 
As the concentration of hydrogen ion is reduced, the concentration of 
oxalate ion is increased, and precipitation occurs. 

The hydroxides of many metals are insoluble, and the solubility- 
product values vary over a wide range. Consequently many separations 
are made by precipitation of hydroxides from solutions of carefully con- 
trolled pH. (As shown in Chapter 9, the concentration of the hydroxide 
ion in aqueous solutions is inversely proportional to the hydrogen-ion 
concentration, or pH + pOH = 14.) Of the common metals, the hy- 
droxides of iron (ferric) and aluminum are least soluble, whereas the 
hydroxides of zinc and magnesium are of considerably higher solubility. 
On the basis of this it should be possible to precipitate ferric and alu- 
minum hydroxides while leaving the hydroxides of zinc and magnesium 
in solution. Such is actually the case. The principle of the separation 
may be illustrated by a simple computation. 

Problem. The solubility product for magnesium hydroxide is 1.5 X 10 -11 (see 
page 343), and the solubility product for ferric hydroxide is 1.5 X 10~ 36 . At what 
pH will each of these hydroxides begin to precipitate? Assume a metal-ion concen- 
tration of 0.1 M in each case. 

Solution: Since 

[Mg++][OH-f = 1.5 X 10~ n 

the hydroxide-ion concentration is given by the expression, 

[OH-] 2 = -*‘ - 5 — = 1.5 X 10“ l ° 

0.1 

when the magnesium-ion concentration is 0.1 M. Solving gives 

[OH“] = 1.2 X 10“ 5 and pH = 9.08 
Similarly, for ferric hydroxide, 

i k v in ~ 36 

[OH"] 3 = — = 15 X 10" 36 
0.1 

Solving, we have 

[OH"] - 2.5 X 10" 12 and pH = 2.40 

If an acid solution containing Fe +++ and Mg ++ ions is neutralized, 
ferric hydroxide will begin to precipitate when the pH gets above 2.4, 
whereas no precipitation of magnesium hydroxide occurs until the pH 
reaches a value of 9-10. Magnesium may be held completely in solu- 
tion if neutralization is done by ammonium hydroxide in the presence of 
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an ammonium salt, which represses the ionization of the hydroxide. 
The effect may be shown by a simple computation. 

Problem. A solution contains Fe’ f ‘ ++ and Mg ++ ions at a concentration of 
0. 1 M . Sufficient ammonium hydroxide and ammonium chloride are added to make 
a concentration of 0.1 M for each. What will precipitate? 

Solution: It is first necessary to compute the concentration of hydroxide ion. 
Since OH“ ion is furnished by the ionization of ammonium hydroxide, 

NH 4 OH = NH 4 + + OH- 


The equilibrium expression is 


Let 


[NII 4 + ][OH-] 

[NH 4 OII] 


= 1.8 X 10 “ 6 


X = [OH~] 

0.1 + X = [NH^] or approximately 0.1 
0.1 — X = INH 4 0I1] or approximately 0.1 


Substituting, we have 

Solving gives 


(Am o 

( 0 . 1 ) 


= 1.8 X 10~ 6 


X = 1.8 X 10 " 5 


Substituting the value for the ferric ion and for the hydroxide ion in the solubility- 
product expression gives 

(0.1) (1.8 X 10 “ 5 ) 3 = 5.8 X 10 “ 16 

Since this value is much greater than the solubility product, precipitation of ferric 
hydroxide will occur. 

Substitution of the ionic concentrations in the solubility-product expression for 
magnesium hydroxide gives 

(0.1) (1.8 X 10 ~ 6 ) 2 = 3.2 X 10“ u 

This value is just slightly in excess of the solubility product for magnesium hydroxide; 
if any precipitation occurs, it will be very slight. As a matter of fact, it is usually 
necessary to exceed the solubility product by a wide margin before precipitation 
begins, because of the tendency towards the formation of supersaturated solutions. 

In the separation of metals whose solubility products lie much closer 
together than those of ferric and magnesium hydroxides, it is not feasible 
to attempt to control the addition of a weak base so that the hydroxide- 
ion concentration will become large enough for the precipitation of one 
ion but not for the other. Rather, it is necessary to fix the hydroxide- 
ion concentration carefully by suitable buffering of the solution, so that 
during the addition of the base there can occur no local high concentra- 
tion of hydroxide ion that will cause precipitation of both ions. An 
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example of this technique for precipitation at carefully controlled pH is 
the basic acetate method for the separation of ferric iron from cobalt, 
copper, or zinc. In this method a solution in hydrochloric acid is care- 
fully neutralized by ammonium hydroxide until the pH is near that at 
which ferric hydroxide begins to precipitate. Neutralization is con- 
tinued by the addition of ammonium carbonate until the addition of 
one more drop of solution will cause some precipitation. The solution 
is now boiled, and sodium acetate is added to remove the hydrogen ion 
formed in the hydrolysis of ferric ion, 

Fe +++ + H 2 0 = Fe(OH) + + + H + 

Ac“ + II + = HAc 

The basic ferric ion, Fe(OH) ++ , forms with acetate ion the precipitate, 
Fe(OH)Ac 2 . The solution is boiled for a twofold purpose: Boiling in- 
creases the extent of hydrolysis, because of the increased ionization of 
water at elevated temperatures, and boiling causes the colloidal pre- 
cipitate to coagulate. 

Numerous other methods are used for controlling the pH during pre- 
cipitation of hydroxides. Among these may be mentioned: 

1. Precipitation by urea. If a nearly neutral solution containing urea 
is boiled, the urea hydrolyzes according to the equation, 

CO(NH 2 ) 2 + H 2 0 = C0 2 + 2NH 3 

and the pH slowly rises during the course of the hydrolysis. This reac- 
tion may be used to effect precipitation of insoluble hydroxides. 

2. Precipitation by barium carbonate. When solid barium carbonate 
is added to a slightly acid solution, hydrogen ion is neutralized, 

BaC0 3 ( so iid) = Ba ++ + C0 3 

C0 3 “ + 2H+ = H 2 C0 3 

and the pH becomes that of a carbonic acid solution. If there is present 
an ion, such as ferric ion, that is readily hydrolyzed, 

Fe+++ + 3H 2 0 - Fe(OH) 3 + 3H+ 

the liberated hydrogen ion reacts with carbonate ion from the solid 
barium carbonate and the hydrolysis reaction proceeds towards the 
right, with precipitation of ferric hydroxide. The hydroxides of Fe +++ , 
Al +++ , and Cr +++ may be precipitated in this manner, by shaking a 
slightly acid solution with freshly precipitated barium carbonate. It is, 
of course, necessary to make certain that the barium carbonate contains 
no hydroxide. Why? 
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3. Precipitation of small amounts of aluminum in the presence of large 
amounts of iron by phenylhydrazine. If a hydrochloric acid solution of 
ferric and aluminum salts is treated with sulfur dioxide, the iron is 
reduced to the ferrous condition, in which form the hydroxide is much 
more soluble than that of ferric iron. If phenylhydrazine, C 6 H 5 NHNH 2 , 
is added and the solution boiled, aluminum hydroxide is precipitated. 
The function of phenylhydrazine is to remove hydrogen ion, formed in 
the hydrolysis of the aluminum ion. 

A1+++ + 3H 2 0 = Al(OH) a + 3H+ 

H+ + C 6 H 5 NHNH 2 = C 6 H 5 NHNH 3 + 


Complex Ions. Ions other than hydrogen may affect the solubility 
of precipitates, by formation of complex ions. A familiar example, from 
qualitative analysis, is the solubility of silver chloride in ammonium 
hydroxide. If solid silver chloride is treated with ammonium hydroxide, 
the concentration of silver ion is reduced because of formation of the 
complex, Ag(NH 3 ) 2 +. The magnitude of the effect of complex-ion 
formation on the solubility may be shown by a simple calculation. 


Problem. Solid silver chloride is treated with 100 ml 1 M ammonium hydroxide. 
How many grams will dissolve? 

Solution: By reference to the tables of equilibrium constants in the Appendix the 
following values are found: 


[Ag+][C11 = 1 X 10“ 10 


[Ag+][NH 3 ] 2 

[Ag(NH 3 ) 2 +] 


= 6.8 X 10" 8 


If X = molar concentration of the silver chloride which dissolves, it follows that 
X = [Cl"] = [Ag(NH 3 ) 2 ] + . The concentration of silver ion is given by the expression, 


[Ag+] 


K S p 

[C1-] 


1 X 10" 10 
X 


Since each mole of salt which passes into solution reacts with 2 moles of ammonia, 
the concentration of ammonia is the original amount minus the amount which has 
reacted, or 1 — 2X. 

Substitution of the preceding concentration values into the expression for the 
dissociation of the complex ion gives 




2X) 2 


= 6.8 X 10 -8 


(1 - 2X) 2 

X 2 


6.8 X 10 2 


X = 0.036 M 
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X was defined as the molar concentration of silver chloride which dissolves. The 
weight of salt is obtained from the expression 

Weight of AgCl — volume in liters X molarity X molecular weight 
= tV 0 o°( 3- X 0.036 X 143 = 0.51 g 

Several complex ions which may affect the completeness of precipita- 
tions may be mentioned. Copper, as cuprous ion, forms a very stable 
complex ion with the cyanide ion. Silver also forms a complex cyanide 
ion; this is the basis for the Liebig method for the volumetric determina- 
tion of cyanides by titration with standard silver nitrate solution (see 
page 304). Lead forms a complex ion with acetate; this reaction is often 
used in qualitative analysis for bringing a precipitate of lead sulfate into 
solution. The solubility of amphoteric hydroxides in strong bases may 
be regarded as due to formation of complex anions with the cation of 
the hydroxide. An example is the solubility of aluminum hydroxide in 
sodium hydroxide by means of the formation of the aluminate ion, 
A10 2 “. Similarly, the solubility of arsenic group sulfides in sodium or 
ammonium sulfide solution is due to formation of complex ions of the 
metal with the sulfide ion, as the AsS 4 ^ ion. Cadmium forms a chloride, 
possibly CdCl 4 = , of such stability that cadmium is with difficulty pre- 
cipitated as sulfide from solutions of high chloride-ion concentration. 
Many of the polyhydric alcohols and the hydroxy acids form complex 
ions with metals, but, since organic matter is usually removed in the 
preparation of a sample, this is not likely to cause difficulty in quantita- 
tive determinations. The solubility of lead sulfate in very dilute nitric 
acid solutions is probably due both to the formation of complex lead 
ions, and to the formation of HS0 4 ~ ions. 

QUESTIONS 

1. Can the solubility product for a salt ever be equal to the cube of the molar 
solubility? 

2. By means of the concepts of activity and activity coefficient explain why silver 
chloride is slightly more soluble in a potassium nitrate solution than in pure water. 

3. What- types of precipitates are more soluble in acid than in neutral solutions? 
Explain, for one example, the nature of the effect of acid on the solubility. 

4. Describe some of the methods of regulating the pH of the solution for the 
precipitation of hydroxides. 

5. Make a list of the constituents which are precipitated by the basic acetate 
method (see reference books). 

6. List some of the complex ions that have been studied in qualitative analysis. 
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PROBLEMS 

1. From the solubility-product values in the appendix find the solubility expressed 
in millimoles per milliliter and in grams per 100 ml for: 

(a) Pbl 2 . 

(b) Hg 2 Cl 2 . 

(c) MgC0 3 . 

2. What is the percentage increase in the solubility product for CaC 2 04 between 
13° and 95 °C? 

3. Find the number of milligrams of AgCl which are left unprecipitated in 200 ml 
of solution in which the excess concentration of Ag + is 10 -2 M. 

4. A precipitate of CaC 2 04 is digested in a volume of 300 ml. Calculate the 
percentage loss (in terms of a theoretical weight of precipitate of 0.2500 g) caused by 
solubility in the precipitating solution if: 

(a) No excess of precipitant had been added. 

( b ) The supernatant liquid contains an excess of 5.0 ml of 0.10 M (NH4)2C 2 04. 

5. The solubility of Ag 2 CrC>4 is 2 X 10~ 5 mole per 100 ml. 

(a) If the possibility of supersaturation is neglected, what is the minimum 
volume of water required to dissolve 0.5 mg Ag 2 Cr04? 

(i b ) How many milligrams of Ag 2 Cr04 remain unprecipitated in 200 ml of solu- 
tion in which there is a stoichiometric excess of 1.00 m mol 004“? 

6. The precipitate AB 2 (molecular weight = 100) is soluble to the extent of 10“ 4 
moles per liter. 

(а) How many milligrams of AB 2 remain unprecipitated in 250 ml of solution in 
which the concentration of excess A 4 + ion is 0.001 Ml 

(б) What is the maximum number of milligrams of AB 2 which can dissolve in 
200 ml of wash water? 

(c) 3.00 m mol BaB 2 is dissolved in 100 ml water, and 10 per cent in excess of 
the stoichiometric amount of 0.10 M A(N03) 2 is added. How many milligrams 
of AB 2 remain unprecipitated? 

7. The solid M 2 N (molecular weight = 75) is soluble to the extent of 0.00015 g 
per 100 ml. 

(a) Find the solubility product for M 2 N. 

(b) Calculate the milligrams of M 2 N which remain unprecipitated in 300 ml 
of solution in which the excess concentration of M+ is 10“ 3 M. 

(c) Calculate the milligrams of M 2 N which could be lost in 250 ml wash water. 

(i d ) Is the actual loss in washing likely to equal the amount found in (c)? 

8. The solubility of silver chloride is 10“ 5 moles per liter. How much wash water 
may be used in an analysis if the loss of chloride ion in the wash water is not per- 
mitted to exceed 0.1 mg? 

9. A sample which weighs 0.5000 g contains 40.00 per cent CT\ This sample is 
dissolved in 200 ml water, and an amount of 0.100 M AgNC>3 solution is added which 
is equivalent to the Cl“ in the sample and 5.00 ml in excess. Find the percentage 
error due to solubility in the precipitating solution. The precipitate is drained free 
from supernatant solution and washed with 300 ml 0.05 M HNO3. Find the max- 
imum percentage error due to solubility in the wash water. 

10. What will be the weight of the precipitated AgCl from 0.2000 g of a sample 
which is 50.00 per cent Cl if the losses caused by solubility in the precipitating solu- 



356 Equilibria in Precipitation Reactions 18 

tion and wash water are taken into account? The conditions of precipitation and 
washing are: 


Final volume of precipitating solution 200 ml 
Excess 0.1 M AgNC>3 present 1.0 ml 

Volume of wash water used 500 ml 

11. 0.5000 g AgNC>3 and 0.7000 g KBrC>3 are added to 250 ml water. The precipi- 
tated AgBr(>3 is collected on a filter and washed with 250 ml water. After drying 
in an oven how much does the precipitated AgBr03 weigh? 

12. Find the milligrams of Cl~ left in solution if 50 ml 0.1 M AgN(>3 is added to 
200 ml of solution which contain 0.2500 g NaCl. 

13. 40.00 ml 0.5000 M AgN(>3 is added to 230 ml of water which contain 1.942 g 
K2Cr04- What percentage of chromium remains unprecipitated? 

14. M(OH)2 is a slightly soluble strong base which dissolves to the extent of 
10” 6 mole per 100 ml. To 200 ml of 0.1 M MSO4, solid NaOII is added. 

(а) How many grams of NaOH have been added before a precipitate begins to 

form? 

(б) What is the pH when 75 per cent of M ++ has precipitated? 

15. The solubility of a hydroxide, X(OH)2, is 0.003 g per liter. The molecular 
weight is 150. 

(a) Compute the solubility product. 

(b) At what pH will a precipitate begin to form if an acid solution of 0.01 M 

X ++ is neutralized? 

(c) If 1.0 g XS0 4 and 1.0 g NH 4 C1 are added to 100 ml 0.1 M NH 4 OH, will a 

precipitate be obtained? Justify the answer by a computation of the product 

[X ++ ][OH~] 2 and comparison of the value with the solubility-product value. 

16. At what pH will magnesium hydroxide begin to precipitate from a 0.01 M 
magnesium sulfate solution? 

17. If 25 mg magnesium chloride is added to 100 ml of 0.1 N ammonium hydroxide, 
will a precipitate be formed? 

18. If 1 g of ammonium chloride is added to the solution above, will a precipitate 
be obtained? 

19. How many milliliters of 2 M HNO3 must be diluted to 400 ml so that 2.00 g 
silver acetate will completely dissolve in this volume? 

20. 50 ml 0.4 M MgSC>4 and 50 ml 1.0 M NaAc solutions are mixed. Is there 
any precipitation of Mg (OH) 2? 

21. Would Fe(OH)3 precipitate from a solution which is 0.1 M in KOH and 0.2 M 
in KsFe(CN)6? ( Ki nst . for Fe(CN)e s is approximately 10“ 44 ) 

22. What concentrations of Fe +++ and Zn ++ ions can remain in equilibrium with a 
buffer made by adding 20 g NaAc to 150 ml 0.15 M II Ac? 

23. Consider the effect of the ionization of water and make a reasonable approxi- 
mation of the solubility of cupric hydroxide from its solubility product. 

24. A solution contains hydrogen, copper, and zinc ions at a concentration of 0.1 M. 
This solution is saturated with hydrogen sulfide, to make a final concentration of 
0.1 M. Compute the concentration of copper and zinc ions remaining in solution. 
(Note: as the sulfide precipitates, the hydrogen-ion concentration of the solution 
increases. Account must be taken of this.) 

25. Can manganous sulfide, MnS, be quantitatively precipitated by saturating 
a 0.05 M MnCb solution with H2S? Take in account the hydrogen ion produced by 
the reaction: Mn ++ + H2S = MnS + 2H + . 
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26. Calculate the pH of a buffer which will permit all but 0.1 mg of Zn ++ to be 
precipitated from 200 ml of 0.1 If Z11SO4 solution when it is saturated with H2S. 
How many grams of formic acid and sodium formate should be added to the solu- 
tion to prepare this buffer? (Neglect the effects of dilution; use sufficient sodium 
formate to have 50 per cent in excess of the amount required for the H + produced 
by the precipitation.) 

27. How much silver iodide will dissolve if the solid salt is shaken with 250 ml of 
concentrated ammonium hydroxide (15 M)? 
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Colloids and the Formation and 
Properties of Precipitates 


Introduction. It will be recalled that two conditions are necessary 
for accurate gravimetric analyses by precipitation methods: (1) essen- 
tially all of the sought constituent must be removed from the solution 
and weighed in a suitable form, and (2) the substance which is weighed 
must be pure and of known composition. The error due to the first of 
these, incomplete precipitation, is in most cases negligibly small because 
gravimetric methods are based chiefly on precipitates of very low solu- 
bility. Errors due to lack of purity and definite composition of the 
precipitate are far more serious than are those due to solubility losses. 
All precipitations are made from solutions which contain ions other 
than those of the precipitate, and some of these ions are frequently 
dragged down with the precipitate. 

’The dragging down of impurities by a precipitate is known as copre- 
cipitation (or occlusion) A The amount of coprecipitation varies with the 
nature of the precipitate and the conditions under which it is formed. 
Under favorable conditions errors from this source can be made negli- 
gibly small, but under unfavorable conditions such errors may com- 
pletely invalidate an analysis. Further, such errors may be totally un- 
suspected, since duplicate samples are analyzed under fixed conditions, 
and the same error may occur for each portion. Thus the attainment of 
good precision in a gravimetric analysis is no guarantee of high accuracy. 

We shall discuss in this chapter the factors which cause coprecipita- 
tion, the methods which are employed to minimize or avoid errors from 
this source, and other types of errors which may lead to impure pre- 
cipitates. We shall also discuss the factors which govern the particle 
size of precipitates and therefore influence the ease of filtering and wash- 
ing the precipitate. 
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PROPERTIES OF COLLOIDS 

Definitions. Before proceeding with the discussion of factors which 
affect coprecipitation, it is necessary to consider the properties of col- 
loids in more detail than has been done in previous courses. In every 
precipitation the particles first formed are of colloidal size before they 
become large enough to settle out of the solution. It is usually in the 
colloidal stage that coprecipitation occurs. 

"It may be recalled that colloids are dispersions of matter in such a 
finely divided state that gravitational forces will not cause the suspended 
phase to settle out; the particles are of such small mass that molecular 
motion in the gas or liquid in which the particles are suspended can 
cause the particle to move about against the force of gravity. There are 
many types of colloids; in gravimetric analysis the ones of interest are 
dispersions of solids in aqueous solutions. These may be of two general 
types known, respectively, as suspensoids and emulsoids. The former 
have low viscosity, about the same as that of water, and have little 
affinity for water. When coagulated they do not retain water which is 
difficult to remove on drying. Because of their resemblance in physical 
properties to solutions they are known as sols or in water as hydrosols . 
Familiar examples of this type are dispersions of metals and salts in 
water. Emulsoids are, as the name implies, like emulsions (colloidal dis- 
persions of a liquid in a liquid) in physical properties. They have high 
viscosity, and when coagulated they yield a jelly-like mass. They have 
a high affinity for water, and on coagulation they retain large amounts 
of water which cannot be removed by ordinary drying at 110°. They 
are commonly called gels or if in water, hydrogels. 

Size of Colloid Particles. Dispersions of solids in water may be 
of three classes, depending on the size of the particles in the dispersed 
phase. These classes are solutions, colloids, and suspensions. In a solu- 
tion the particles are single molecules or ions. The individual particles 
are only a few angstrom units 1 in diameter or about the same size as 
the individual molecules of the solvent. Individual particles in a solu- 
tion cannot be observed by any physical method. In a colloid the parti- 
cles are of the order of 10 to 2000 A in diameter, and each one may con- 
sist of many molecules. The individual particles are too small to be 
seen by an ordinary microscope, but they may be observed by an ultra- 

1 An angstrom unit (A) is 10“ 8 cm. Other units used to describe small particles 
are the micron fx or 10 -4 cm and the millimicron m/z which is I0~ 7 cm. The wave- 
lengths of X-rays are of the order of an angstrom unit, and the wavelengths of visible 
light cover the range 4000-7000 A. 
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microscope. 2 The only difference between a colloid and a suspension 
is the size of tKe~paftrcles, which are in a colloid of such small mass that 
the particles do not settle out under the influence of gravity. The 
particles exhibit Brownian motion ; that is, they move about haphazardly 
in the liquid because of the bombardment by molecules of the liquid. If 
gravitational forces are increased manyfold by use of a centrifuge, the 
effect of the molecular motion can be overcome, and the particles will 
settle out of the liquid. 
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Fig. 29. Simple crystal lattice. Sodium chloride type. 


Surfaces of Colloid Particles. The unique properties of colloids, 
as compared with larger particles of the same substances, are due wholly 
to the differences in the amount of surface area per unit mass. When 
particles are small, as in colloids, the surface per unit mass is many times 
greater than when the particles are of microscopic size or larger. This 
is illustrated by consideration of progressive subdivision of a cube meas- 
uring 1 cm on an edge. The surface area is 6 cm 2 . If it is subdivided 
into cubes of colloidal size, say 10”" 6 cm on an edge, the surface is 6 X 10 6 
cm 2 . Thus, the properties which are associated with phenomena at 
surfaces are very much more pronounced for particles of colloidal size. 

The properties of surfaces are due to the exposed atoms or ions lying 
on the surface. Inside a crystal each ion is surrounded by ions of oppo- 
site charge. A typical arrangement is shown in Fig. 29, where the black 
circles represent the centers of one kind of ion, and the white circles the 

2 An ultramicroscope is so arranged that the sample is viewed through a high- 
power microscope at right angles to a sharply defined and intense beam of light 
which is passed through it. One sees not the particles themselves but the light 
scattered by the particles. The same phenomenon is frequently observed when a 
beam of sunlight passes through a darkened room. In the light beam one may 
observe dust particles which cannot be seen in ordinary light. 
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centers of the ions of opposite charges. (This arrangement is schematic 
only, to show the relative positions of the ions — actually the ions prob- 
ably touch one another, and there is no vacant space between them.) 
At the surface of the crystal there are ions or atoms which are not sur- 
rounded by other atoms. These surface ions or atoms can attract and 
hold other ions or atoms with which they come in contact. This hold- 
ing of foreign atoms at a surface is known as adsorption. 

Adsorption occurs at every surface, regardless of whether the particle 
is large or small. Every crystal has on the surface an adsorbed layer of 
foreign material. The amount adsorbed per unit area is so small, how- 
ever, that it is only possible to detect adsorption w r hen the adsorbate is 
so finely divided that it presents a very large surface area. Thus ad- 
sorption is primarily a property of matter in the colloidal state, or when 
it is in such a form that the surface area is large. In a crystal of col- 
loidal size a large fraction of the atoms or ions may lie in the surface. 
For example, a cube whose edge is 10 atomic diameters in length will 
contain 10 3 or 1000 atoms. But 2 X 100 + 2 X 80 + 2 X 64 or 488 of 
these atoms will lie in the surface. If each of these can hold a foreign 
atom by adsorption, the total adsorption per unit mass is many times 
greater than when the same unit mass is in the form of larger crystals. 

The phenomenon of adsorption is an important and widespread one, 
which has many applications. The removal of poison gases by a gas- 
mask canister, the clarification of sugar sirup by removal of colored 
impurities, the recovery of volatile solvents, the application of granular 
catalysts to vapor- and liquid-phase reactions, all are effective because 
of adsorption at surfaces. 

‘The forces which cause foreign atoms to be held at surfaces may be 
either electrostatic, as when the surface is composed of ions which attract 
and hold ions of opposite charge, or van der Waals forces which depend 
on the attraction of masses for one another. There is a certain degree of 
specificity in both kinds of forces so that a given adsorbent will hold some 
adsorbates more tightly than others. Charcoal, for example, will hold 
organic molecules more tightly than water molecules. 

A surface composed of ions will hold ions of opposite charge, but to 
differing degrees. This is to be expected since we know that in crystal- 
lization each crystal takes from the solution only its own kind of ions. 
For example, if K + , Na + , Cl""”, and N 03 ~“ ions are all in the same solu- 
tion, we may obtain crystals of KNO 3 , KC1, NaNC> 3 , and NaCl, but 
not crystals in which the anions or cations are mixed. The specificity 
in crystallization is probably due to the sizes of the various ions. In 
the building up of a crystal lattice only ions of proper size will fit into 
the lattice, and we can obtain isomorphous crystals only in case of two 
ions of the same charge and size, such as in the alums where Fe ++_, ~ or 
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Cr" f ” f+ ions can replace Al +++ in the crystal of KA1(S04)2’12H 2 0. 
Probably the same considerations apply to the holding of an ion by ad- 
sorption at the surface of a crystal. If the ion is of proper size to fit into 
the crystal lattice, it should be drawn more closely and held more tightly 
than another ion of the same charge but of improper size to fit into the 
lattice. It is found experimentally that those ions are best adsorbed by 
crystal surfaces which form with ions of the crystal the least soluble 
crystals (rule of Paneth-Fajans-TIahn). Thus, if BaS0 4 crystals are in 
a solution which contains Pb" 1 ”^, Fe" f ” f , Na + , and H + ions, the Pb' 4 '^ 



Fig. 30. Effect of concentration on amount adsorbed. 

ion is most strongly adsorbed; this ion forms with the SO^ ion of the 
crystal a very insoluble compound as compared with the sulfates of the 
other positive ions of the solution. 

Effect of Concentration on Adsorption. When adsorption takes 
place from solution, the amount adsorbed per unit weight of adsorbent is 
related to the concentration by a curve of the general shape shown in 
Fig. 30. Such a curve, if determined at constant temperature, is known 
as an adsorption isotherm . It is characteristic of all isotherms that the 
amount adsorbed increases rapidly with concentration at first and that 
at higher concentrations the curve tends to flatten out. This effect of 
concentration on the amount of adsorption is of practical importance in 
relation to contamination of precipitates, as discussed in a later section. 

Charge and Stability of Colloid Particles, The phenomenon of 
adsorption is responsible for the existence of stable colloidal dispersions 
of solids in water. Both hydrosols and hydrogels are charged, owing to 
adsorption of ions from solution. The existence of such charges can be 
shown experimentally by placing in the colloidal dispersion charged elec- 
trodes and observing the motion of the particles. It is found that all 
the colloid particles will migrate toward one of the electrodes, sometimes 
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toward the cathode and sometimes toward the anode. This phenomenon 
is called electrophoresis. 

A given substance can be dispersed either as a positive- or as a nega- 
tive-charged colloid, depending on the sign of the ion that is adsorbed; 
this can be controlled by the conditions of dispersal of the colloid. For 
example, if silver chloride is precipitated by addition of silver nitrate to 
a sodium chloride solution, the colloidal particles first formed, when 
chloride ion is in excess in the solution, will be negatively charged. Such 
particles may be represented by the formula AgCl: Cl”, indicating that 
the AgCl particle has adsorbed chloride ions. Conversely, if the precipi- 
tate is formed by addition of sodium chloride to a silver nitrate solution, 
the particles will be positively charged because of adsorption of Ag + 
ions; they are represented by the formula AgCl:Ag + . 

The stability of colloidal dispersions in water is attributed to the 
action of the electric charges in preventing collisions of the particles. 
Since all particles have like charges, they will repel one another, and col- 
lisions are much less frequent than if the particles were uncharged. 
Therefore, coagulation , the condensation of several colloidal particles to 
form a particle large enough to be affected by gravity, is prevented. 

Coagulation of Colloids. Since th e charge on colloidal particles 
prevents their collisions and coalescence, it is an obvious deduction that, 
if one adds to a colloid ions which can be strongly adsorbed by the 
charged particles and which will neutralize the previously adsorbed 
charges, then the particles may become electrically neutral and may col- 
lide and coalesce. Actually this is a simplified statement of what 
happens in the coagulation of colloids. In the preceding section it 
was shown that AgCl colloids could be prepared with either positive or 
negative charges, depending on whether Ag + or Cl” ions are adsorbed. 
If one slowly adds AgNC>3 solution to NaCl solution, a fine cloudy dis- 
persion is first obtained, whose particles are of colloidal size. If the 
addition of AgNOs is continued, it is observed that near the stoichio- 
metric point the colloid appears to coagulate. As soon as Ag + ions are 
in excess in the solution, they are adsorbed by the particles, which previ- 
ously have been negatively charged because of adsorption of Cl” ions. 
This adsorption of positively charged ions has the effect of neutralizing 
the negative charge, and the particles become neutral or nearly so. At 
this point they can coagulate. 

One may well ask at this point: “If Ag + ions are adsorbed by the col- 
loid particles, why cannot Na + ions also be adsorbed since they are 
present in the solution from which the AgCl is precipitated?” No thor- 
oughly satisfactory explanation can be given as to why the AgCl colloid 
is coagulated by a small excess of silver ions whereas it is stable in a 
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large excess of sodium ions. We can only give the generally accepted 
explanation of today, which is in part conjecture. 

Before consideration of the mechanism of coagulation of colloids we 
shall first list some of the known facts in regard to the effects of different 
kinds of ions in effecting coagulation. 

1. The ions which effect coagulation of colloids are of opposite charge 
to the ions which impart the charges to the particles. 


TABLE 33 

Coagulating Values of Electrolytes for Negatively Charged Arsenic 

Trisulfide Sol 


Electrolyte 

m mol per liter 

Li Cl 

58 

NaCl 

51 

kno 3 

50 

KCl 

50 

NH 4 C1 

42 

HC1 

31 

MgCl 2 

0.72 

MgSC>4 

0.81 

CaCI 2 

0.65 

SrClo 

0.64 

BaCl 2 

0.69 

AICI 3 

0.093 

A1(N0 3 ) 3 

0.095 

Ce(N0 3 ) 3 

0.080 


Values taken from H. B. Weiser, Colloid Chemistry, Wiley, 1939, page 224. 

2. Ions of the same valence and charge differ among themselves in 
the concentrations required for coagulation of a given dispersion. Those 
which are most effective in coagulation are those which are most strongly 
adsorbed. It may be recalled that the ions which are most strongly ad- 
sorbed are those which form with the oppositely charged ion of the solid 
the most insoluble substance (see page 362). This partially explains 
why Ag + is more effective in coagulation of AgCl:Cl~ than is Na + ion. 
Silver ion forms a more insoluble compound with the charge-imparting 
ion, chloride ion, than does sodium ion. It may be that silver ion, since 
it is one of the constituents of the crystal, is of proper size to fit more 
closely to the surface of the crystal than sodium ion can. 

3. As a general rule the higher the valence of the precipitating ion, 
the more effective it is for coagulation; that is, the smaller concentration 
is required for coagulation of a given amount of colloid. This rule does 
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not hold when it conflicts with the requirements of the preceding para- 
graph. The ion which forms the most insoluble compound with the 
charge-imparting ion is usually most effective in coagulation, regardless 
of its valence. Silver ion is a more effective coagulant for AgCl:Cl“ 
than Ca ++ or Al' f++ ions even though it has lower valence. 

When the coagulating ions do not form very insoluble compounds 
with the precipitate ion, the valence of the coagulating ion may have a 
great effect on its coagulating power. This is illustrated in Table 33. 

4. The ion which causes coagulation of 
a colloid is not dragged down in amounts 
equivalent to the amount of charged ion 
first adsorbed. This is shown by the vast 
differences in the coagulating power of ions 
of different valence. However, after coag- 
ulation the precipitate has no charge or is 
electrically neutral. This must mean that, 
as coagulation proceeds, the charged parti- 
cles drag down equivalent amounts of 
oppositely charged ions from the solution, 
including the coagulating ions. 

To explain these facts we must consider 
the present picture of a charged ionic 
crystal in contact with a solution of elec- 
trolytes. Adsorption is considered 3 to be 
of two kinds, primary adsorption of the 
charge-imparting or stabilizing ion and 
secondary adsorption of a diffusely held 
layer of counter ions of opposite charge to the stabilizing ion. The sur- 
face of the particle is surrounded by a double layer of charge, as repre- 
sented in Fig. 31. This shows the condition assumed to exist at the 
surface of a AgCl:Cl“ particle formed as described previously. The Cl”" 
ions are adsorbed tightly to the crystal lattice and hold some positive 
ions, Na + and H + tightly. The over-all result is an excess of negative 
charges on the surface, and, if a potential is applied, the particle mi- 
grates toward the positive electrode. The portion of the particle which 
migrates as a unit is shown inside the dotted lines. Surrounding the 
charged particle there is a diffuse cloud of positive ions, which are known 
as counter ions. When the particle is coagulated, the counter ions are 
dragged down with it in sufficient amounts to just neutralize the chlo- 
ride ions. 



H+ 

Na + 

Na + 

H + 


Fig. 31. Adsorption at the 
surface of a colloidal particle 
of AgCl. The particle is 
formed in excess chloride ion. 


8 See H. B. Weiser, loc. cit. 
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Any effect which will cause the diffuse layer of counter ions to be 
more closely drawn to the surface will cause a decrease in the effective 
density of the negative charge on the surface. Silver ion, which can be 
adsorbed in equivalent amount by the surface chloride ions, will neu- 
tralize the charge completely. This explains the effect of an ion which 
forms an insoluble compound with the stabilizing ion. The effects of 
ions which do not form an insoluble compound and the valence effects 
are not so easy to understand. The valence effect is probably due to the 
greater density of electric charge in ions of higher valence. A barium 
ion or an aluminum ion in the counter-ion layer may be pulled more 
closely to the surface by the electrostatic charge of the chloride ions 
than such univalent ions as sodium and hydrogen, because the doubly 
and triply charged ions have greater charge density than univalent ions. 
This may cause the layer of counter ions to be drawn in so that the 
negative charge is partially neutralized. It is not necessary to have 
complete neutralization, merely that the charge effect be so reduced that 
particles may collide. 

Whether the explanation is valid or not is for present purposes not 
important. The important things to remember are (1) the known 
effects of various ions on coagulation of precipitates and (2) the fact 
that on coagulation the precipitate will drag down ions of opposite 
charge from the solution. 

The dragging down of counter ions by a precipitate is responsible for 
one type of coprecipitation. To prevent contamination from this effect 
the analyst should so arrange his conditions of precipitation that the 
counter ion will be an ion of the precipitate or else will be some material 
which can be volatilized when the precipitate is ignited. Thus H + and 
NEU -1- are preferred as counter ions to accompany Cl~ ion in preference 
to Na" 1 " and K + , since the chlorides of the former are volatile whereas 
those of the latter are not. 

Peptization. The dispersal of an insoluble material into a liquid 
medium as a colloid is known as peptization. This may sometimes occur 
in the washing of a precipitate if the counter ions which effected coagu- 
lation are dissolved in the wash water and the particles become charged 
again. When this happens, the precipitate passes through the filter, as 
a colloid. It is frequently necessary, in washing a precipitate, to add 
an electrolyte to the wash water, to supply a counter ion to maintain 
the neutralization of the electric charge of the particles. An example is 
in the determination of chloride as AgCl. The original counter ions may 
be Ag + , Na -1 ", and II + . If these are removed on washing, peptization 
occurs. Dilute nitric acid is added to the wash water to provide H + ions 
at the surface of the precipitate and thereby prevent peptization. 
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RELATION OF COLLOIDS TO THE FORMATION OF PRECIPITATES 

The process of crystallization is complex, and it is not yet thoroughly 
understood. When solutions of two ions which may form a precipitate 
are brought together, the K S p value is exceeded, and the solution be- 
comes supersaturated. After a time, which may vary from a fraction 
of a second to several years, crystallization begins with formation of 
particles of colloidal size. Just how the first particles are formed is not 
known. Possibly the process is aided by adsorption of ions on the sur- 
face of dust particles or other foreign material which will always be 
present in the solutions. Or perhaps the chance juxtaposition of a 
number of ions leads to a clumping together to form a crystal nucleus 
on which further ions may deposit. In any event it is known that the 
number of nuclei which appears depends on the relative degree of super- 
natural ion of the solution, as expressed by the Von Weimarn ratio 

Q-L 

Degree of supersaturation = 

L 

where Q is the total concentration of the salt in solution, and L is the 
equilibrium solubility of the salt. If the relative supersaturation is 
large, many nuclei appear, but, if it is small, there are fewer nuclei 
formed. 

After the initial appearance of crystal nuclei further precipitation 
may occur by (1) coagulation and clumping together of colloidal parti- 
cles and (2) deposition of ions from the solution to build up the crystal 
lattice of the nuclei. Usually both processes occur simultaneously; the 
extent to which one or the other process predominates depends on the 
conditions of the precipitation and the ease of coagulation of the col- 
loidal particles. Growth of the original nuclei by deposition of ions 
from the solution is favored by slow mixing of the reagents so that at all 
times the degree of supersaturation is kept small. Rapid mixing of re- 
agents leads ^to increased supersaturation and formation of more nuclei. 

It is possible, within limits, to vary the size of crystals obtained in a 
precipitation. Obviously, it is advantageous to obtain fewer and larger 
crystals , since these have a smaller surface than if the precipitate is 
made up of many smaller crystals, and, consequently, the adsorption of 
imp urities is min imized. Further, large crystals are more readily filtered 
and washed tha n sma ll ones. 

Von Weimam’s experiments with precipitation of barium sulfate 
under varying conditions are classical illustrations of the effects of the 
relative supersaturation on the size of crystals. When precipitation was 
effected by rapid mixing of 3 to 7 N solutions, a gelatinous precipitate 
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was formed instantly. The gel consisted of very fine colloid particles, 
combined with water, and was so stiff that it could not be poured from 
the beaker. At concentrations of 0.75 to 3 A the precipitate was curdy, 
formed by coagulation and coalescence of colloid particles. Large crys- 
talline particles were obtained from concentrations of 0.05 N and below. 
At concentrations such that the solubility product was barely exceeded 
by a factor of 2-3, no precipitate appeared until after a month’s 
time. 

Any condition which reduces the degree of supersaturation at the 
moment when crystallization begins favors the, formation of fewer nu- 
clei. Precipitations are commonly made from hot sol utions to take 
advantage of this effect, since the solubilities of most salts rise with in- 
creasing temperature. AtTiigher temperatures a given concentration of 
ions in solution creates less supersaturation than at lower temperatures, 
since the solubility L is less at the lower temperature^ Precipitation 
from hot solutions has the further advantage that recrystallization by 
exchange of ions between the solution and the crystal surface is speeded 
up, and consequently the amount of surface impurities is decreased, as 
discussed in a later section. 

Another widely used method for decreasing the degree of supersatura- 
tion is to add to the solution a chemical which increases the solubility, 
and then to remove this chemical slowly by vaporization or neutraliza- 
tion. For example, calcium oxalate is best precipitated by adding am- 
monium oxalate to an acidified solution of a calcium salt and then 
slowly neutralizing the acid with ammonium hydroxide. As neutraliza- 
tion proceeds, crystals begin to form, under conditions of maximum solu- 
bility. The final product consists of coarse crystals. If ammonium ox- 
alate is added to an ammoniacal solution of calcium ion, there is obtained 
a precipitate of such small crystals that filtration is almost impossible. 
Similarly, silver chloride crystals may be obtained by slow evaporation 
of an ammoniacal solution, in which AgCl is soluble. Slow removal of 
ammonia permits the crystals to grow slowly, whereas in the usual pre- 
cipitation no single crystals are obtained; rather the precipitate is a 
curdy mass composed of agglomerated colloidal particles. 

Under the same conditions of precipitation some substances give 
much more crystalline products than others. For example, the hydrated 
oxides of iron and aluminum come down as gels made up of coalesced 
colloid particles combined with water, silver chloride gives a curdy 
precipitate, whereas barium sulfate, magnesium ammonium phosphate, 
and calcium oxalate give well-developed crystals. The atoms and ions of 
all these precipitates are in a crystalline arrangement, but the external 
forms are widely different. 
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CONTAMINATION OF PRECIPITATES 

On the basis of the preceding discussion we may now point out the 
various ways in which precipitates may become contaminated during 
the process of formation: 

1. The precipitate may be made up of coagulated colloid particles 
which clump together as coagulation proceeds. Each individual particle 
of the colloid may retain its adsorbed counter ions so that the foreign salt 
is occluded* throughout the particle of precipitate. The amourt of impu- 
rity will depend on the size and extent of surface of the individual colloid 
particles which make up the clump and on whether the counter ions are 
ions of the precipitate or foreign ions. When the coagulation is effected 
by ions of the precipitate, the amount of foreign substance dragged down 
may be small, even though the precipitate is made up of minute col- 
loidal particles. To illustrate, when AgCl is precipitated by addition of 
Ag + to Cl~ ions, the colloid at first is AgCl:Cl~. Coagulation occurs 
very near the stoichiometric point, and it appears that it is due to neu- 
tralization of the charge on the particle by adsorption of positively 
charged Ag + ions. Thus there is no large amount of foreign ion dragged 
down. 

2. After the precipitate has formed, there may be a slow precipitation 
of a second insoluble substance if adsorption at the surface creates 
favorable conditions. For example, magnesium oxalate may post- 
precipitate at the surface of a calcium oxalate precipitate. This phe- 
nomenon is due to adsorption of oxalate ions by the precipitate, fol- 
lowed by adsorption of magnesium ions. Concentrations of magnesium 
and oxalate ions at the adsorbed layer are higher than in the solution, 
and this favors precipitation of the slightly soluble magnesium oxalate. 
This type of contamination has been designated as postprecipitation. 
It occurs only when the supernatant solution contains an ion which may 
form a compound of low solubility with an ion of the primary precipitate. 

3. Mixed crystal formation may occur during the formation of the 
precipitate if the solution contains two ions of the same charge and size 
which may replace one another in a crystal lattice. The alums, such as 
KA 1 (S 04 ) 2 - 12 H 2 0 , may form isomorphous crystals with Cr +++ or 
Fe + "l- + ions replacing Al +++ . Mixed crystal formation is of infrequent 
occurrence in student analyses where the samples are simple mixtures, 
but in some mineral analyses mixed crystal formation may lead to 
serious errors. 

AGING OF PRECIPITATES 

Much of the impurity dragged down as counter ions by a precipitate 
can be made to redissolve by proper digestion or aging of the precipitate 
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in contact with the mother liquor. At the same time other beneficial 
changes occur in the crystals of the precipitate. Consequently, in 
almost all procedures, after precipitation is completed, the solution is 
heated and allowed to stand. This step is omitted only where (1) the 
nature of the precipitate is such that no improvement is obtained on 
digestion, as in the case of gelatinous precipitates, (2) the precipitate is 
soluble or decomposes in hot solution, and (3) postprecipitation may be 
favored by digestion. Kolthoff and his coworkers 4 have made extensive 
studies of the changes which occur during aging. They have shown 
that the beneficial effects obtained are due to a dissolving and reprecipi- 
tation of ions from the crystal. This process goes very much more 
rapidly for a fresh precipitate than for an aged one. Because of it the 
following changes occur: 

1. Small crystals dissolve, and the ions rcprecipitate on the surface of 
larger ones. It is well established that small crystals are, because of the 
large surface area and surface tension effects at the crystal-liquid bound- 
ary, appreciably more soluble than larger ones. Whether this effect is 
very important in analysis is a disputed question, since the crystals 
first obtained may often be of such size that their solubility is the same 
as for larger ones. 

2. The surface area of the precipitate is reduced, and some of the 
original counter ions are redissolved. The first precipitate often con- 
sists of aggregates made up of coagulated colloid particles. These may 
redissolve and the ions redeposit on larger and more perfect crystals. 
The net result is a diminution of surface area and a purification of the 
precipitate, because the counter ions originally dragged down remain in 
solution. At the same time the formation of larger and more perfect 
crystals improves the filterability of the precipitate and facilitates 
washing. 

3. Exchange adsorption of counter ions occurs. This may under 
proper conditions lead to replacement of undesirable impurities by 
other ions which will be less harmful in the final weight of precipitate. 
When the colloid particle is first coagulated, it may drag down as 
counter ions those ions of opposite charge which predominate in the 
solution about the particle. On aging, these ions redissolve, and they 
may be replaced by other ions of the solution. The process is best 
illustrated by an example. A precipitate of silver chloride may drag 
down positive ions such as Na + and H + . At the conclusion of precipita- 
tion there is an excess of Ag + ions. Since these are better adsorbed than 
the other positive ions, they may replace the others during the aging. 

4 1. M. Kolthoff and E. B. Sandell, Textbook of Quantitative Inorganic Analysis , 
Macmillan, 1943. 
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This leads to a better stoichiometric relation between silver and chloride 
ions in the precipitate. 

Exchange of counter ions may lead to formation of a more impure 
precipitate, if there are in the solution ions which tend to form insolu- 
ble compounds with an ion of the precipitate. A precipitate of BaSC> 4 , 
for example, if aged in presence of Pb ++ ions would adsorb PbSC> 4 . This 
is, of course, postprecipitation. 

MINIMIZATION OF IMPURITIES 

We may now summarize, on the basis of the preceding discussion, the 
methods used to minimize the effects of coprecipitation and postpre- 
cipitation. 

1. Precipitation is made slowly from dilute solutions and under 
donditions of maximum solubility, which favor formation of large crys- 
tals with small surface areas. 

2. The concentration of foreign ions which may be coprecipitated is 
kept low: 

(a) Precipitation is made from dilute solutions. If it is known that 
either the sample or the precipitant contains an ion that is preferen- 
tially coprecipitated, the solution which contains the offending ion is 
added to the other one. This insures that at the time of formation of 
the precipitate the concentration of the offending ion is kept at a 
minimum. 

( b ) Reprecipitation is frequently used to reduce further the concen- 
tration of troublesome foreign ions. When the precipitate can readily 
be dissolved, the first precipitate is partially washed and then dissolved 
and reprecipitated. The amount of contaminant present in the first 
precipitate is but a fraction of that in the original sample, and on the 
second precipitation the concentration of the offending ion is only that 
amount which was dragged down with the first precipitate. Since the 
amount adsorbed varies with concentration as shown in Fig. 30, the 
contamination of the second precipitate is greatly reduced. Sometimes 
even a third precipitation is used, to reduce further the amount of 
impurity. 

A further advantage of reprecipitation is that, after the first precipi- 
tate is dissolved, its ions are present in equivalent amounts, and only a 
known and slight excess of precipitant need be added; this permits 
closer control of the amount of foreign salts present. For example, post- 
precipitation of magnesium oxalate with calcium oxalate is greatly re- 
duced by a second precipitation. 
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Reprecipitation is routinely used for the oxides of iron, aluminum, 
and chromium; for oxalates, phosphates; and, in general, for those pre- 
cipitates which can readily be dissolved in dilute hydrochloric or nitric 
acids. It is not employed for such precipitates as silver chloride and 
barium sulfate, because these are not readily soluble in suitable reagents. 

(c) Foreign ions may be removed by separation or by reaction prior 
to precipitation if they are particularly troublesome in a given deter- 
mination. For example, ferric ion is badly coprecipitated with barium 
sulfate. If it is present in the sample, it may be removed by precipita- 
tion as ferric hydroxide, or it may be reduced to the ferrous 
condition. 

3. The precipitate is, in many analyses, digested with the mother 
liquor. This leads to redissolving of coprecipitated counter ions and to 
a decrease in surface area, so that less impurity is adsorbed. Sometimes 
conditions are chosen so that on digestion harmful counter ions are re- 
placed by readily volatile ones, such as N or H + . 


WASHING PRECIPITATES 

After the precipitate has been formed, it may still become contam- 
inated by retention of solids from the mother liquor if it is not properly 
washed. The procedure for this operation is described in Chapter 17. 
It may be recalled that washing is done with hot liquid when the solu- 
bility permits, that a volatile electrolyte is usually present, and that 
the quantity of wash liquid is kept at a minimum. 

The purpose of washing is twofold. Most obvious is removal of all 
the mother liquor, with dissolved salts. In addition there is often an 
exchange adsorption of counter ions during washing; this may be used 
to replace a non-volatile counter ion with a volatile one. 

The use of hot wash liquid is advantageous, because soluble impurities 
dissolve more quickly, the viscosity is reduced so that the wash water 
flows through the precipitate and filter more rapidly, and exchange ad- 
sorption is facilitated. 

The advantage of using the minimum volume of wash liquid is obvi- 
ous; the greater the volume, the greater are solubility losses. It has 
previously been stated that maximum effectiveness is gained by allow- 
ing the filter to drain rather completely after each filling. This is true 
for two reasons: (1) Time is allowed for attainment of solubility equi- 
librium, and (2) use of several small portions is more efficient than use 
of a single large portion, as shown on page 324. 
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IGNITION 

The purpose of ignition is to convert the precipitate into a dry sub- 
stance of definite composition. It is obvious that, if the precipitate is 
contaminated by foreign ions, one can never obtain a pure ignited prod- 
uct unless the foreign ions are volatile. Even when foreign substances 
other than water are not present, there may be errors in ignition unless 
the operation is properly performed. The chief errors are summarized 
below: 

1. Ignition must be at a sufficiently high temperature for complete 
removal of water. Drying at 110°C will remove water from some pre- 
cipitates, for example, AgCl, but others, such as hydrated ferric oxide, 
retain water tenaciously and may require heating to as high tempera- 
tures as 1000°C. The analytical procedures specify the required igni- 
tion temperatures. 

2. Many precipitates are decomposed by ignition at too high a 
temperature. The specified conditions should be followed closely. 

3. The chief source of error in ignition is reduction of the precipitate 
by carbon of the filter paper. Some precipitates, such as AgCl, are so 
readily reduced that they cannot at all conveniently be ignited with 
filter paper; filtering crucibles are essential for such. Other precipitates 
which are not readily reduced may be ignited with paper, but, if the 
paper is not properly burned off with a plentiful supply of air, some re- 
duction may take place. Trouble from this source is frequently en- 
countered in student analyses of sulfate, where the BaS 04 is reduced to 
BaS, or iron, where reduction of Fe 2 0 3 to Fe 3 04 occurs. 

4. Prolonged ignition at high temperature is required for complete 
conversion of some precipitates to the desired compound, and a frequent 
student error is underignition, particularly of calcium oxalate which 
must be converted to calcium oxide. The attainment of the final com- 
position in such precipitates is facilitated if the precipitate is crushed 
after the paper is burned away, to give better contact of all particles of 
precipitate with the heated crucible walls. Directions for this operation 
are given on page 327. 

QUESTIONS 

1. Differentiate between a solution of sodium sulfide and a colloidal dispersion of 
arsenic trisulfide with respect to: 

(a) Size of the dispersed particles. 

C b ) Charge on the particles. 

( c ) Filterability of the dispersed material. 

(d) Effect of the addition of NH4CI. 
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2. Discuss the effect on the amount of adsorption of: 

(a) Total surface area. 

(b) Temperature. 

(c) Concentration of the adsorbed ion. 

(d) Solubility of the salt corresponding to the ions adsorbed primarily and 

secondarily. 

(e) Valence of the secondarily adsorbed ion. 

3. Hydrous ferric oxide is crystalline in internal arrangement. On what evidence 
is this statement based? 

4. What is the origin of the electric charge found on the surface of colloidal par- 
ticles? 

5. If barium sulfate is precipitated by addition of barium chloride solution to a 
sulfuric acid solution, what charge would you expect to find on the particles while 
they are in the colloidal condition? What counter ion might be effective in neutraliz- 
ing this charge? What substance would you expect to find dragged down with the 
precipitate because of the occlusion of the counter ion on coagulation of the sol? 

6. Explain why silver chloride sol is coagulated just at the stoichiometric point 
in the addition of silver nitrate to sodium chloride. 

7. How may the addition of an electrolyte to the wash water prevent peptization 
of a precipitate? 

8. Could dichlorofluorescein (Chapter 16) serve as indicator for the titration of 
silver nitrate by sodium chloride? Explain, on the basis of the discussion given in 
this chapter. 

9. A sample of Na 2 SC >4 has appreciable amounts of NaCl and NaN (>3 impurities. 
In the analysis for the sulfate content by precipitation as BaSC >4 which of the follow- 
ing are advisable? 

(a) Reprecipitation. 

(b) Several evaporations to dryness with HC1. 

(c) Addition of the unknown to BaCl 2 rather than the reverse. 

10. Explain briefly how each of the following tends to minimize coprecipitation: 

(a) Digestion or aging. 

(b) Reprecipitation. 

11. Give two reasons why most precipitations are conducted in hot dilute solution. 

12. Give two reasons why a volatile electrolyte with an ion common to the precip- 
itate is used in the wash water. 

13. Name several separations in which postprecipitation may be important. 

14. Draw a picture which represents the various adsorption layers on a colloidal 
particle of BaS 04 which is formed by adding H2SO4 to a solution of BaCl 2 . 

15. Explain why slow addition of reagent will give a more filterable precipitate 
than rapid addition. Why is it not important to add reagent slowly in the precipi- 
tation of ferric hydroxide? 

16. Why are many precipitations made by mixing the reagents in an acid solution 
and then slowly neutralizing the acid? 

17. What is the purpose of reprecipitation? Under what conditions can reprecipi- 
tation be employed? 

18. List the routine methods for minimization of coprecipitation. 

19. What is the purpose of ignition of a precipitate? What factors govern the 
choice of ignition temperature? 
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PROBLEMS 

1. How many ions are in the surface of a cubical colloidal particle which has 15 
ions on an edge? 

2. How many spherical colloidal oil particles 20 A in radius can be made from a 
spherical oil drop whose radius is 2 microns? The density of the oil is 0.9 g per 
milliliter. What is the percentage increase in surface? 

3. If the molecular weight of the oil in Problem 2 is 150, how many molecules are 
contained in the particle of 20 A radius? 

4. 0.5000 g Fe +_H " is precipitated as hydrated ferric oxide. During ignition 90 
per cent of the iron is converted to Pe 203 , and the remainder is present as Fe 3 C> 4 . 
What does the ignited precipitate weigh? What should it have weighed if all th3 
iron were in its proper form? 



CHAPTER 



Summary of Errors in Gravimetric 

Analyses 


Introduction. In the preceding chapters we have discussed a num- 
ber of errors that affect the accuracy of gravimetric analyses. These 
can be summarized under the three headings : 

1. Loss of constituent. 

2. Purity of precipitate. 

3. Miscellaneous indeterminate errors. 

ERRORS DUE TO LOSS OF SAMPLE OR PRECIPITATE 

Errors of this type may occur in the following ways: 

1. Loss in precipitating solution. Such losses may be caused by: 

(а) The precipitate has an appreciable solubility. Most gravimetric 
methods are based on precipitates of very low solubility, and this con- 
dition is quite rare. It is, however, encountered occasionally, and in 
such cases every effort should be made to keep the volume of solution 
at a minimum. 

(б) Insufficient precipitant is added. An error from this cause can 
occur only through carelessness, since in every precipitation one should 
test for completeness. 

(c) Improper pH may cause precipitates which are quite insoluble, 
under the proper conditions, to become quite soluble. An example of 
this is the precipitation of magnesium ammonium phosphate which is 
quite soluble in even slightly acid solutions but sufficiently insoluble 
with proper control of pH. 

( d ) Ions are present that can form stable complexes with an ion of 
the precipitate. For example, cadmium forms a complex chloride ion 
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and is not precipitated completely from a solution that contains a high 
concentration of chloride ion. 

(< e ) A constituent of a complex sample may be lost by coprecipitation 
with some other constituent. For example, in a limestone analysis 
calcium or magnesium may precipitate with the mixed oxides, or mag- 
nesium may precipitate with calcium if the separations are not carefully 
performed. 

(/) The presence of interfering ions may lead to faulty separations in 
some analyses. For example, if phosphate ion is present in a mineral 
analysis, magnesium may precipitate when the solution is made basic 
for precipitation of the mixed oxides. 

2. Loss in wash water. This may be due to : 

(a) Peptization of the precipitate and loss as a colloid which passes 
through the filter. 

(i b ) Solubility losses if too large a quantity of wash water is used or 
if a necessary common ion is omitted from the wash water. 

3. Mechanical losses. These are due to: 

(а) Loss of sample in transfer. 

(б) Loss of small crystals which pass through the filter. The analyst 
should always note the appearance of the filtrate, and, if it is cloudy, he 
should refilter. Losses from this source may be appreciable if poor 
technique of precipitation is used or if a too porous filter paper or mat 
in the filtering crucible is used. 

ERRORS DUE TO PURITY OF THE PRECIPITATE 

In general, errors from this source are more serious than those due to 
loss of sample. The following sources of error may be encountered: 

1. Coprecipitation of foreign ions with the precipitate. Methods for 
minimization of this error are discussed on page 371. In general, the 
individual analytical procedures are designed to give optimum condi- 
tions for avoidance of coprecipitation. 

2. Postprecipitation of sparingly soluble foreign substances. 

3. The precipitate may have the wrong composition if improperly 
formed. Magnesium, for example, may precipitate as Mg 3 (P 04)2 rather 
than as Mg(NH 4 )P 04 if care- is not taken to maintain the proper con- 
centrations of all the constituents. 

4. Insufficient washing for removal of soluble impurities. In all pro- 
cedures directions are given to test for completeness of washing by a 
qualitative test for some readily identified ion of the mother liquor (fre- 
quently the chloride or sulfate ion). 
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5. Reduction of precipitate by carbon of the filter paper during igni- 
tion. 

6. Incomplete ignition and failure to convert the precipitate to the 
anticipated composition or failure to remove all water from the pre- 
cipitate. 

7. Ignition at too high a temperature, which may cause partial de- 
composition of the precipitate. Silver chloride, for example, should not 
be heated to a high temperature. This will cause decomposition and 
loss of chlorine. 

8. Error in weighing, due to adsorption of water or carbon dioxide by 
the precipitate. 

INDETERMINATE ERRORS 

The most probable indeterminate errors not previously listed are: 

1. Errors in weighing of the sample or precipitate. 

2. Failure to obtain constant weight for crucibles, prior to ignition of 
the precipitate. 

3. Loss of asbestos from Gooch crucible mats. 

4. Mixing of samples (this occurs all too frequently). 

5. Spattering during evaporation or other loss of sample due to care- 
lessness. 


EFFECT OF ERRORS ON THE ANALYSIS 

In closing this discussion of errors, the effects of some of the more 
important ones may be mentioned. 

Loss of a constituent will, of course, make the values for that con- 
stituent low, but in a complete analysis there is the possibility that a 
constituent lost at some stage of the separation may come down at some 
other stage and make some other result high. For example, in student 
dolomite analyses, the values for mixed iron and aluminum oxides are 
nearly always too high because of coprecipitation of calcium or mag- 
nesium; consequently, the values for calcium or magnesium are often 
low. Silica also tends to be high because of occlusion of calcium, iron, 
and aluminum. 

With respect to the errors arising from the purity of the precipitate it 
can be noted that the following usually lead to high results: Postprecipi- 
tation, insufficient washing, incomplete ignition, and errors in weighing 
due to adsorption of water or carbon dioxide. Reduction or decomposi- 
tion during ignition most generally leads to low results. 

Errors which arise from coprecipitation and wrong composition of 
precipitate must be considered for each case because they can lead to 
high or low results or even occasionally will not affect the results. 
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Effect of Errors on the Analysis 

In the case of coprecipitation, we must consider three things: (a) what 
is coprecipitated, (6) what should it have been precipitated as, and ( c ) 
to what does the coprecipitated material ignite? Let us assume that in a 
sulfate analysis barium nitrate is coprecipitated with the BaS 04 . Actu- 
ally the barium nitrate should not have precipitated at all, and, hence, 
it is extra material which ignites to BaO and is weighed along with 
BaSC> 4 , and the error arising from coprecipitation leads to high results. 
If, however, in a barium analysis, barium nitrate were coprecipitated, 
the results are different. In this case the barium ion combined with 
nitrate ion should be combined with sulfate ion. In the ignited product 
the BaO weighs much less than the BaS 04 which it should be, and errors 
from coprecipitation lead to low results. 

In an iron analysis Fe 2 (S 04) 3 may be coprecipitated with the Fe(OH) 3 . 
On ignition both of these substances are converted to Fe 2 0 3 , and, hence, 
no error arises from this coprecipitation. 

It has been pointed out on page 377 that magnesium may wrongly 
precipitate as Mg 3 (P0 4 )2 rather than MgNII 4 P0 4 • GH 2 0. The latter 
ignites to Mg 2 P 2 0 7 , whereas the former does not change in composition 
during ignition. In Mg 2 P 2 0 7 we are weighing per magnesium atom 
P0 3 . 5 or 87 atomic weight units; in Mg 3 (P0 4 )2 we weigh per magnesium 
atom P H On or 73.4 atomic weight units. For each atom of Mg which 
precipitates as Mg 3 (P 04)2 the final precipitate weighs less than if the 
Mg had precipitated as MgNILPCU • 6H 2 0. 

Questions and Problems pertaining to the material summarized in this chapter 
are to be found at the ends of Chapters 17, 18, 19, 21 and 22. 



CHAPTER 



Gravimetric Analysis of Simple 

Mixtures 

~To avoid repetition, the procedures for the determination of silica, ~ 
calcium, magnesium, tin, lead, and other substances arc given only in 
connection with the analysis of a limestone or brass. If it is desired to 
use these procedures for a simple mixture, they may be employed with- 
out modification, since each determination in the mineral or brass anal- 
ysis is given as a separate unit. __ 


The number of substances whose analysis is made gravimetrically is 
so large that a comprehensive list of methods is beyond the scope of an 
elementary textbook. The determinations most frequently encountered 
are those of chlorine, iron, aluminum, sulfur, phosphorus, calcium, mag- 
nesium, silicon, copper, lead, nickel, zinc, and the alkalies. Procedures 
for these and other analyses are given in this and the following chapters. 
The methods given for the analysis of chlorine, iron, sulfur, and phos- 
phorus pertain to the analysis of a simple mixture which contains no 
interfering substances. These are first studied in order that the student 
may master general technique by working with only one constituent of 
a sample before he undertakes the analysis of complex mixtures. The 
substances have been chosen with the object of illustrating the various 
types of precipitates most frequently encountered. In connection with 
each procedure a list is given of other determinations which may be 
made by this method. 

CHLORINE (Br, I, Ag) 

One of the simplest gravimetric determinations is that of chlorine in 
a soluble chloride. When a dilute solution of a chloride is treated with 
a silver nitrate solution, silver chloride is precipitated. 

Ag + + Cl" = AgCl 

The precipitate is very insoluble, is easily obtained in a condition nearly 
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free of occluded impurities, is readily filtered and washed, and does not 
require ignition. For these reasons it is frequently chosen as the first 
exercise in gravimetric analysis. 

Properties of Silver Chloride Precipitates. Silver chloride be- 
longs to the class of curdy or agglomerated precipitates. When the 
reagents are first mixed, a colloidal suspension is obtained which coagu- 
lates readily, leaving a clear supernatant liquid. The coagulated mass 
forms in large lumps which are readily separated from the liquid by 
filtration. The precipitate does not greatly occlude foreign substances, 
especially when it is formed by the addition of silver nitrate to chloride 
solutions. Silver chloride is readily peptized on washing by pure water, 
but the addition of a little nitric acid to the wash water prevents this. 
The solubility is about 2 mg per liter at 25°C and 21 mg per liter at 
100°C in pure water, but is much less in the presence of excess silver 
nitrate because of the common-ion effect. 

Silver chloride cannot be ignited in the presence of organic matter, 
because at elevated temperatures it is readily reduced. Furthermore, a 
high temperature cannot be employed in ignition, because the melting 
point is 460°C, and on heating above this point there is considerable 
loss by volatilization. Because of this it is customary to filter through a 
filtering crucible so that ignition is not required. Drying at 110-130°C 
removes most of the water and is the method ordinarily employed. In 
the most precise work the precipitate is fused by heating in an electric 
oven in order to remove the last traces of moisture. 

An outstanding characteristic of silver halide precipitates is their 
sensitivity to light. Direct sunlight, or even diffuse light, causes a 
darkening of the precipitate, due to decomposition into the elements. 
The halogen formed by the decomposition escapes, leaving silver dis- 
persed within the precipitate. In the analysis of silver this decomposi- 
tion leads to low results, 1 but in the analysis of chlorine the result is 
high if decomposition occurs before filtration because the liberated 
chlorine reacts with silver nitrate solution to form additional precipi- 
tate. Decomposition after filtration causes relatively little error, since 
only the comparatively light chlorine atom escapes, while the heavy 
silver atom remains. In all halogen analyses it is important to precipi- 
tate and digest in diffuse light and to avoid all exposure to direct sun- 
light. 

Analysis of Soluble Chloride 

Procedure. Wash three filtering crucibles, and bring to constant 
weight by drying at 110-130°C. (If filtering crucibles are not available, 

1 G. E. F. Lundell and J. I. Hoffman, Bur. Standards J. Research, 4, 109 (1930). 
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prepare three Gooch crucibles as directed on page 321. Dry and weigh, 
then pass a small amount of water through the mat, and again dry and 
weigh. Repeat until a constant weight is obtained.) 

The unknown substance is a mixture of soluble chlorides, which con- 
tains no interfering ions. Dr}^ the sample at 100-1 20°C, and weigh 
three portions of 0.3-0. 6 g (note 1). Transfer each portion to a 250-ml 
beaker, and dissolve in 100-150 ml water to which 1-2 ml nitric acid 
has been added (note 2). Calculate the weight of silver nitrate neces- 
sary for precipitation, assuming that the sample is sodium chloride. 
Prepare a solution containing approximately 20 mg silver nitrate per 
milliliter, and add the calculated amount of this solution, plus an excess 
of about 10 per cent, to each portion of sample. Add the silver nitrate 
from a pipet, keeping the solution well stirred during the addition. After 
addition is completed, heat the solution nearly to boiling, and keep at 
this temperature until the precipitate has coagulated. Allow the pre- 
cipitate to settle, and then test for complete precipitation by adding a 
few drops of silver nitrate solution to the supernatant liquid. Continue 
the addition of silver nitrate, in small portions, until precipitation is 
complete. Cover the beaker with a watch glass, and allow it to stand in 
the desk (note 3) for 1-2 hours before filtration. 

Place a filtering or Gooch crucible in the filtering apparatus, and 
apply suction. Carefully pour the clear supernatant liquid through the 
crucible, retaining as much of the solid in the beaker as possible. Use 
the technique described on page 324. Again test for complete precipita- 
tion by adding a few drops of silver nitrate solution to the filtrate. 
Wash with 0.01 N nitric acid as follows: Add 20-25 ml wash solution to 
the precipitate, stir well, allow the particles to settle, and decant the 
supernatant liquid through the filter. Repeat the washing by decanta- 
tion three or four times; then transfer the precipitate to the crucible. 
With a stirring rod equipped with a policeman, rub all particles of pre- 
cipitate from the walls of the beaker, and wash the particles into the 
crucible. Fill the crucible half full of wash solution, and allow it to 
drain completely. Repeat the process two or three times ; then remove 
the funnel from the filter flask, insert a test tube in the flask as shown in 
Fig. 12, page 73, and collect a 5-ml sample of wash solution. Test this 
for completeness of washing by adding a little hydrochloric acid. If no 
appreciable cloudiness forms, washing may be assumed to be complete. 
If it is not complete, continue the washing until a satisfactory test is ob- 
tained. Remove the crucible from the funnel, place it in a small beaker, 
and dry in an oven at 110-130°C for 2-4 hours. Cool in a desiccator, 
and weigh; then redry, and reweigh. Repeat until a weight constant 
within 0.3 mg is obtained. The second period of drying usually gives a 
weight which agrees with the first one. From the weight of silver chlo- 
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ride obtained, calculate the weight of chlorine and the percentage of 
chlorine in the sample. Results should agree within 0.3 per cent for 
the percentage of chlorine present. Run a blank on the reagents 
(note 4). 

Notes. 1. The weight of the final precipitate should be 0.4— 0.5 g. Consult 
instructor. 

2. Nitric acid is added to the solution as an aid in coagulating the precipitate, 
and in order to prevent precipitation of silver hydroxide, carbonate, etc. 

3. As protection from light. 

4. Add a few drops of silver nitrate*solution to a nitric acid solution similar to that 
employed for solution of the sample. If any cloudiness appears, obtain chloride-free 
reagents. 

Errors. The chief sources of error in addition to those listed on page 
376 are the moisture retained on ignition and the decomposition of the 
precipitate under the action of light. Occlusion is not a source of great 
error, nor are the losses due to solubility. Interfering substances are the 
following: 

1. Anions whose silver salts are insoluble in nitric acid, such as 
bromide, iodide, thiocyanate, sulfide. 

2. Heavy metals whose chlorides are insoluble; in particular, mercu- 
rous and lead ions. 

3. Substances which form complex ions with silver. If the solution is 
properly acidified, these substances are without effect. 

Other Applications- The procedure may be employed with little 
modification for other determinations. The most widely used of these 
are: 

1. Bromine and iodine. Because these ions are readily oxidized, it is 
important to use less nitric acid than in the chloride precipitation and to 
wash the precipitate nearly free of nitric acid before drying. 

2. The oxyhalogen acids and their salts. These may be determined by 
reducing them to the halogen ion and precipitating with silver. The 
reduction may be made by treating a nitric acid solution of the sample 
with chloride-free sodium nitrite. 

3. Organic halogen compounds. These may be analyzed if the halogen 
is first converted to the ion by fusion with sodium peroxide in a bomb 
or by heating with fuming nitric acid in a closed tube (Carius method). 

4. Silver. Silver ion is determined gravi metrically by precipitating it 
with hydrochloric acid. A large excess of acid must be avoided, since 
silver chloride is appreciably soluble in hydrochloric acid. 

5. Mixtures of two halides. A mixture of two halides may be analyzed 
by an indirect method. Two independent determinations are needed, 
which may be ( a ) the weight of combined silver salts and (6) the weight 
of silver in the precipitate. The former weight is determined by pre- 
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cipitating the combined halides, just as in the analysis of chloride. The 
weight of silver in the precipitate may be determined by reducing the 
precipitate in a stream of hydrogen and weighing the resulting residue 
of silver, or it may be found by titrating an aliquot portion of the sample 
with standard silver nitrate solution by the Fajans, Volhard, or Mohr 
method. From the volume of standard solution required the weight of 
silver used is computed. 


Gravimetric Standardization of Hydrochloric Acid 

Gravimetric standardization of hydrochloric acid, by precipitation of 
silver chloride, is a convenient and accurate method which has the ad- 
vantage of being independent of the purity of any primary standard. 
The disadvantage of the method lies in the fact that the determination 
does not give the amount of hydrochloric acid, but the amount of chloride 
ion. If the acid is contaminated by ammonium chloride, this leads to 
error. 

Procedure. Measure out accurately, from a buret or calibrated 
pipet, a 40- to 50-ml portion of the acid. Add a drop of methyl red 
indicator, and neutralize with 0.1 AT sodium hydroxide solution (note). 
Add 1 ml nitric acid to the neutral solution, and determine the amount 
of chloride present according to the previous procedure. From the 
weight of precipitate obtained calculate the number of milliequivalents 
of chloride ion in the solution and the normality of the solution. 

Note. Test the sodium hydroxide for chloride by acidifying a 5-ml portion with 
nitric acid and adding silver nitrate. Heat. If a perceptible precipitate appears, 
the sodium hydroxide is unsuitable for use. If chloride-free sodium hydroxide is not 
available, ammonium hydroxide may be used. 


IRON (A1+++, Cr +++ , Ti+ + ++ Zr ++++ ) 

Iron or steel samples are seldom analyzed by a gravimetric method 
because of the accuracy and convenience of volumetric methods. The 
gravimetric methods illustrated in this section are nevertheless very im- 
portant, because in mineral analyses the separation of iron (and the 
related substances listed above) is always made by precipitation. These 
methods are also valuable in student training because they illustrate the 
technique of analysis with gelatinous precipitates. In the following sec- 
tion directions are given for iron analyses only, but the operations 
employed for filtration, washing, ignition, and so on, are applicable to all 
the other substances which precipitate as hydrous oxides on the addition 
of ammonium hydroxide to a solution of the ions. 
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When iron, in the ferric condition, is treated with ammonium hy- 
droxide, it is quantitatively precipitated as hydrous ferric oxide accord- 
ing to the reaction: 

2Fe +++ + 6NH4 OH + zH 2 0 = Fe 2 0 3 -z/H 2 0 + CNH 4 + 

The precipitate is of indefinite composition because of the water which 
is more or less tightly bound with it. Such precipitates are known as 
hydrous oxides, rather than hydroxides, although the two terms are com- 
monly used interchangeably. On ignition the precipitate yields ferric 
oxide, in which form it is weighed. 

Properties of Hydrous Ferric Oxide. Hydrous ferric oxide is a 
very insoluble substance whose solubility product [Fe +++ ][OH - ] 3 is ap- 
proximately 10~ 36 . Because of this low solubility, precipitation is quan- 
titative, even from slightly acid solutions. The precipitate first forms 
as a dispersed phase, but on heating in the presence of electrolytes it 
coagulates to a gelatinous mass which settles out of suspension. Pro- 
longed boiling tends to break up the aggregates and cause the precipitate 
to become slimy. If the precipitate is well coagulated, it may be readily 
filtered and washed, provided a porous paper is employed, and washing 
is done by decantation. The use of suction is not recommended, for 
suction drags particles of the gel into the pores of the filtering medium, 
clogging it so that no liquid can be drawn through. The solubility of 
the hydrous oxide is so small that precipitation and washing can be car- 
ried out with hot solutions without any danger of loss. Electrolytes, 
usually ammonium salts, are added to the wash liquid in order to prevent 
dispersion of the coagulated gel. 

As might be expected from their colloidal character, the hydrous 
oxides have a great tendency to adsorb other ions present. If precipita- 
tion is made from basic solution, the primarily adsorbed ion is the hy- 
droxide ion, and this readily holds by secondary adsorption positive ions 
which may be present. If there is a large excess of ammonium ion in the 
precipitating and wash solutions, the adsorption of other positive ions 
can be kept at a minimum, and, since ammonium salts volatilize on 
ignition of the precipitate, little harm is caused by the adsorption. As 
migh t, be expected from the general nature of adsorption, divalent ions 
are more strongly adsorbed than monovalent ones. Since the precipi- 
tates are readily dissolved by addition of acids, it is customary to employ 
reprecipitation in order to minimize the amount of coprecipitation. 

The ignition of the hydrous oxides requires rather high temperatures 
in order to drive off water. Ferric oxide is made completely anhydrous 
by heating at 1000°C, but most of the water is expelled by heating at 
lower temperatures. Aluminum oxide requires still'higher temperatures. 
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If the precipitate contains only iron, the final ignition may be made in 
a porcelain crucible over a Tirrill burner, but, if the precipitate is one 
of combined oxides, such as obtained in mineral analysis, it is advisable 
to ignite for a short time with a blast lamp. Iron oxide is readily reduced 
to the magnetic oxide Fe 3 0 4 by carbon or reducing gases from the filter 
paper, and it is necessary to permit free access of air while burning off 
the paper. Should reduction occur, the product may be reoxidized by 
prolonged ignition, or by careful addition of a little concentrated nitric 
acid, evaporation, and reignition. 


Analysis of Iron Solution 

The samples used as student exercises for gravimetric iron analyses are 
usually (a) solutions of weighed iron samples, or (6) analyzed samples of 
ferrous ammonium sulfate. The former has the advantage that each 
student can be given an individual sample of accurately known weight 
of iron, with added constituents that make a double precipitation essen- 
tial. 

Procedure. Before beginning the analysis clean three porcelain cru- 
cibles (properly identified; see page 15), and bring to constant weight 
by ignition at the highest temperature of a Tirrill burner (or in the 
muffle furnace if one is provided). The second heating should give a 
weight in agreement with the first one. ^ 

Obtain the sample of weighed iron wire (note 1 ) in a 250-ml volumetric 
flask. Dilute to volume, mix well, and measure out three 50-ml aliquot 
portions from a pipet which has been calibrated with reference to the 
flask. Deliver the samples into 400- to GOO-ml beakers. Do not begin 
the analysis unless a 2- to 3-hour period is available for work, since the 
filtration once started cannot be interrupted (note 2). 

* Heat the sample solution to boiling and add 1-2 ml concentrated 
nitric acid, a drop at a time, from a pipet (note 3). Continue boiling 
for a minute in order to expel oxides of nitrogen. Dilute the solution to 
200-300 ml, heat to boiling, and slowly add, from a pipet, filtered 6 N 
ammonium hydroxide (note 4), stirring constantly and heating during 
the addition. After a precipitate begins to form, add the base in small 
portions until the odor of ammonia persists in the steam above the boil- 
ing solution. Continue to boil for about a minute after precipitation is 
complete, then remove the flame, allow the precipitate to settle, and 
test for complete precipitation by adding a few more drops of ammonium 
hydroxide. Note the color of the coagulated precipitate (note 5). De- 
cant (note 6) the clear supernatant liquid through an open-texture filter 
paper (Whatman no. 41 or an equivalent grade), taking care to retain 
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Analysis of Iron Solution 

the bulk of the precipitate in the beaker. Test the filtrate for complete- 
ness of precipitation by adding a little ammonium hydroxide solution. 
Add to the beaker which holds the bulk of the precipitate 25-30 ml 
ammonium nitrate wash solution (note 7), heat, and decant the hot solu- 
tion through the filter paper. Wash twice in this manner. 

Carefully remove the filter paper from the funnel, taking care that nc 
precipitate is lost, and place it in the beaker that contains the bulk of 
precipitate. Pour in about 30 ml 3 A hydrochloric acid, and warm 
gently. Break up the filter paper with a stirring rod. All the precipitate 
should dissolve readily in the hot acid solution. After solution is com- 
plete, dilute to 100 ml, and precipitate by addition of ammonium hy- 
droxide, as before. Filter through an open-texture ashless paper, wash 
twice by decantation, and then transfer all the precipitate to the filter. 
Wipe the beaker with a small piece of dry ashless filter paper to remove 
the last traces of precipitate, and add the filter paper to the precipitate 
in the funnel. Wash the precipitate in the funnel with hot ammonium 
nitrate solution until a 5-ml portion of wash water gives only a faint 
cloudiness when acidified and treated with silver nitrate solution (note 8). 
If only a faint cloudiness appears, washing may be assumed to be com- 
plete. Allow the filter paper to drain thoroughly, fold over the edges, 
transfer to a previously ignited and weighed porcelain crucible, and 
ignite according to the directions in Chapter 17. Complete the ignition 
by heating for 30 minutes at the highest temperature of the Tirrill 
burner (note 9). Cool the crucible in a desiccator for 20-25 minutes, 
weigh, and reignite for 20-minute periods until the weight is constant 
within 0.3 mg. Compute the weight of iron received. 

Notes. 1. The sample weight is 0.7-1. 0 g so that the weight of ferric oxide re- 
ceived from the aliquot portion will be 0. 2-0.3 g. The sample is dissolved in 10-20 ml 
hydrochloric acid. Usually some inert impurity, such as sodium sulfate, is added to 
the flask, to make the analytical conditions comparable to those when ferrous sulfate 
samples are used. 

2. The gelatinous precipitate obtained must not be allowed to dry on the paper 
before washing is completed. On drying, the precipitate breaks up into lumps, and 
in this condition it cannot be washed. 

3. Ferrous ion is oxidized according to the reaction, 

3F e ++ _i_ N0 3 “ + 4H+ = 3Fe+++ + NO + 2H 2 0 

The solution darkens at first, owing to formation of the complex, FeSO^NO. As 
oxidation proceeds, the color changes to the bright yellow of the ferric ion. Bromine 
water may be substituted for nitric acid if desired. Add 10-15 ml saturated bromine 
water and boil until all bromine is expelled. 

4. Filtered ammonia must be used in order to prevent the introduction of silica, 
which is often present as a suspension in alkaline solutions. If the ammonia solution 
is clear, filtration is not needed. 
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5. The precipitate should be reddish brown in color. If a dark-green precipitate 
is obtained, indicating ferrous hydroxide, dissolve the precipitate in hydrochloric 
acid, reoxidize with nitric acid, and reprecipitate. The precipitation of ferrous 
hydroxide is not complete in the presence of ammonium salts. 

G. In the filtration of gelatinous precipitates it is important to use every precaution 
to insure a rapid flow. Read the directions of Chapter 17. Use an open-texture 
filter paper. Make certain that the paper fits the funnel tightly. Filter while hot. 

7. The wash solution contains 8-10 g ammonium nitrate per liter. Prepare by 
dissolving solid ammonium nitrate or by adding ammonium hydroxide to a solution 
of 10 ml nitric acid per liter of water until it is neutral to litmus paper. 

8. Chloride ion in small concentration is not harmful; its presence is used here as 
a convenient test for completeness of washing. 

9. A blast lamp or Meker burner should be used for ignition if the usual burners 
do not give a flame sufficiently hot to heat the bottom of the crucible to bright red- 
ness. The crucibles must be brought to constant weight at the same temperature as 
that used for ignition of the precipitate. If a blast lamp or Meker burner is used, the 
precipitate need be ignited for only 10- to 15-minute periods. 

Errors. See page 376 for general gravimetric errors. The interfering 
substances are the anions which yield precipitates in basic solution with 
ferric ion, such as phosphate and arsenate, and all the metals except 
those of the alkaline-earth and alkali group. If barium, calcium, and 
strontium are present, distilled ammonium hydroxide must be used to 
avoid the presence of carbonate, which would precipitate these metals 
as carbonates. Sufficient ammonium salts must be present to prevent 
the precipitation of magnesium if this is present. The errors due to in- 
complete oxidation and to drying of the precipitate have been mentioned. 
Incomplete washing leads to high results. Reduction is very likely to 
occur during ignition of the precipitate. Alkaline solutions, because they 
dissolve silica, should not be allowed to stand in contact with glass ves- 
sels for long periods of time. Reduction during ignition and incomplete 
ignition are probably the most frequent errors of beginning students. 

Other Applications, Aluminum, trivalent chromium, zirconium, 
titanium, and trivalent manganese are precipitated as hydrous oxides 
by an excess of ammonium hydroxide. The more amphoteric ones, 
aluminum and chromium, are completely precipitated only in solutions 
of carefully controlled pH, since, if much excess ammonium hydroxide 
is added, the solubility is increased. (See determination of mixed oxides 
in limestone analysis.) Precipitation of manganese is complete only if 
it is first oxidized by treatment with bromine or persulfate. 


Analysis of Ferrous Ammonium Sulfate 

Since both iron and sulfur can be determined on the same sample, this 
is a widely used exercise. The samples are artificial mixtures of ferrous 
ammonium sulfate and ferrous sulfate or sodium sulfate. 
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Procedure. Obtain the sample in a stoppered weighing bottle. Do 
not dry unless specific instructions are given to do so. The analyzed 
samples usually supplied contain hydrated ferrous or ferrous ammonium 
sulfate. 

Weigh out into 400-600-ml beakers three samples of 0.8 to 1 g each 
(note 1). Moisten with 5 ml concentrated hydrochloric acid, add 50 ml 
water, and heat until the sample is dissolved. Follow the procedure on 
page 386 for the iron determination, beginning with the star. 

If a determination of sulfur is desired on the same sample (consult 
instructor), the filtrate and washings from both precipitations should be 
combined, evaporated, and reserved for the sulfur analysis. To the 
combined filtrate and washings add 15 ml concentrated HC1, and evap- 
orate to dryness on the steam bath. Keep covered with a watch class 
suspended on glass hooks as shown on page 312. Moisten the residue 
with 10 ml HC1 and again evaporate to dryness. After the second 
HC1 evaporation dissolve the residue in 200 ml water, filter if any pre- 
cipitate of silica is visible, and reserve the filtrate for the sulfur deter- 
mination (note 2). 

Notes. 1. Analyzed samples usually contain 2 to 8 per cent iron. 

2. Evaporation with excess HC1 destroys nitrate ion, which causes coprecipitation 
with barium sulfate. The presence of nitrates may be avoided by using bromine 
water for oxidation of ferrous ion before precipitation of ferric oxide. When this is 
done, the combined filtrate and washings from the iron precipitation need only be 
acidified with HC1, evaporated to 200 ml, and filtered if any precipitate of silica is 
observed. 


SULFUR (Ba) 

One of the most widely used (and at the sane time least exact) 
gravimetric analyses is the determination of sulfur or barium ion by 
precipitation as barium sulfate. The ions react quantitatively according 
to the equation, 

Ba ++ + S0 4 “ = BaS0 4 

giving a precipitate whose solubility is only 3-4 mg per liter in pure 
water. Unfortunately, however, the precipitate is generally impure, and 
the accuracy of the analysis is never very great. 

Properties of Barium Sulfate Precipitates. Barium sulfate crys- 
tals are usually so very finely divided that the analyst must use care in 
order to obtain a filterable product. Precipitation from concentrated 
and cold solutions gives such a fine-grained product that it passes 
through any obtainable filter paper, but, if precipitation is carried out 
from hot dilute solutions and a period of digestion is allowed, a coarser 
precipitate can be obtained which is readily separated by filtration. 
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The solubility of barium sulfate is slight and is decreased by excess 
of barium or sulfate ion. It is increased, however, by the presence of 
hydrogen ion. This is due to repression of the concentration of sulfate 
ion by formation of the bisulfate ion HS 04 ~~, since the second ionization 
of sulfuric acid is rather small. 2 In the presence of 1 N hydrochloric 
acid the solubility is about 30 times greater than in pure water. Never- 
theless, it is customary to carry out precipitation in weakly acid solu- 
tions, because the precipitates so obtained not only are less contaminated 
than those from neutral solutions but also consist of larger crystals and 
are therefore more easily filtered. The presence of acid also prevents the 
precipitation of barium carbonate, barium phosphate, and other barium 
salts which are insoluble in neutral solution. Because of the solubility of 
the precipitate, a high concentration of acid must be avoided. It is cus- 
tomary to employ 0.01-0.05 N solutions. 

The coprecipitation of other salts with barium sulfate has been widely 
studied. Almost every constituent of the solution may be dragged down, 
even though the precipitate is formed under the most favorable condi- 
tions, that is, by the addition of barium chloride to sulfuric acid solu- 
tions. The chlorides and sulfates of the univalent cations are the least 
occluded foreign substances. Nitrate and chlorate ion should not be 
present because they are carried down as barium salts. The bivalent 
metals whose sulfates are soluble cause little more difficulty than the 
univalent metals, but the presence of any substances which have slightly 
soluble sulfates must be avoided. The only trivalent metals likely to 
be present are iron, aluminum, and chromium. Of these, iron is copre- 
cipitated to a very large extent, usually as a basic sulfate, while chro- 
mium and aluminum are coprecipitated to a smaller extent. Chromium, 
however, should be avoided, because it may form a complex with sulfate 
ion. 

The general method of rcprecipitation cannot be employed in order to 
obtain purer precipitates of barium sulfate because no solvent is avail- 
able in which the precipitate can be dissolved. Coprecipitation of cer- 
tain substances is best prevented by removal of the offending ion, either 
by precipitation or by chemical reaction. Thus ferric ion, which is 
readily coprecipitated, may be reduced to ferrous ion, or it may be 
removed by precipitation as the hydroxide before precipitation of barium 
sulfate. Since not all substances can be removed (for example, the alkali 
and ammonium ions) their coprecipitation may only be minimized by 
proper conditions of formation of the precipitate and by digestion of the 
precipitate. 

2 The constant for the second ionization of sulfuric acid is approximately 0.01. 



21 


Determination of Sulfur in a Soluble Sulfate 391 


The error due to coprecipitation may make a result either high or low. 
In the determination of sulfate the occlusion of barium chloride leads 
to a high result, but the occlusion of sulfuric acid (either as the free acid 
or as barium acid sulfate) leads to a low result because sulfuric acid is 
volatilized during ignition. For the same reason the occlusion of ferric 
sulfate gives low results. Occlusion of barium chloride leads to low 
results in the determination of barium, but all foreign sulfates cause 
high results. Why? 

The ignition of barium sulfate presents difficulties. If filter paper is 
used, it must be carefully burned away, with plentiful access of air, 
since the sulfate may be reduced by the filter paper according to the 
reaction, 

BaS0 4 + 4C = BaS + 4CO 

If a reduced precipitate is obtained, it may be reoxidized by treatment 
with sulfuric acid followed by volatilization of the acid and a brief re- 
ignition. A filtering crucible may advantageously be used for this deter- 
mination, thereby eliminating any reduction of the precipitate; but, if 
this method is followed, the precipitate must be heated to a temperature 
of 600-900 °C in order to remove occluded water. 

Determination of Sulfur in a Soluble Sulfate 

The samples ordinarily employed are mixtures of alkali sulfates and 
chlorides. They are free of the substances which are most extensively 
coprecipitated. 

Procedure. Weigh out three 0.5-g portions (note 1) of the dried 
sample (note 2), and transfer to 400-600 ml beakers. Dissolve in a little 
water, add 1 ml hydrochloric acid, and dilute to 200-300 ml. Heat to 
boiling, and, with constant stirring and continued heating, add barium 
chloride solution (note 3) dropwise from a buret which is mounted in a 
slanting position with the tip above the precipitation beaker. After 
15-20 ml have been added, interrupt the process, allow the precipitate 
to settle, and test for completeness of precipitation by adding a few 
more drops of barium chloride. If a further precipitate forms, add 5 ml 
of reagent, then again test for completeness of precipitation. Continue 
in this manner until an excess of reagent is present. Cover the beaker, 
and set it on the steam bath for an hour (note 4) . The precipitate should 
be coarse enough to settle readily after stirring, and the supernatant 
liquid should be clear. If these conditions are not fulfilled, consult the 
instructor. Complete the determination by one of the following pro- 
cedures. 
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A . Filter-paper Method. Select an ashless filter paper according 
to the manufacturer’s recommendations for barium sulfate precipitates 
(Whatman 42 or equivalent). Decant the hot supernatant liquid through 
the filter paper, and test the filtrate for complete precipitation. If no 
more precipitate forms, reject the filtrate (note 5), and replace the 
beaker beneath the funnel. Transfer the precipitate to the filter and 
wash with hot water until a test for chloride ion shows that little is 
present. After washing is complete, fold down the edges of the filter 
paper, and transfer the moist precipitate to a previously ignited 
and weighed porcelain crucible. Carefully burn off the filter paper, and 
ignite at the highest temperature of the Tirrill burner for 15-20 minutes 
after the paper is completely removed. Cool in a desiccator, and weigh. 
Repeat, with 15-minute ignitions until the weight is constant within 

0.5 mg. Compute the percentage of sulfur as SO3 in the sample. 

B. Filtering Crucible. Either a Gooch or porous-porcelain crucible 
may be used. Sintered glass is not satisfactory because of the ignition 
temperature required. 

Prepare the crucible and bring to constant weight by ignition within 
a porcelain crucible at the highest temperature attainable from a Meker 
burner. Filter and wash in the usual manner, and dry in an oven at 
110°C. Place the dried crucible inside a protecting crucible, and ignite 
over a Meker burner for 20-minute periods until constant weight is 
attained. Use of a muffle furnace is very advantageous in this determina- 
tion if one is available. 

Report the percentage of sulfur as SO3. 

Notes. 1. The amount of sample is chosen to yield 0.5-1. 0 g of precipitate. 

2. If hydrated sulfate samples are employed as student unknowns, they should 
not be dried before weighing. 

3. Prepare an approximately 5 per cent solution by dissolving 5 g BaCl 2 -21120 in 
100 ml water. 

4. One hour is a minimum period of digestion. A longer time is not harmful. 

5. The bulk of the filtrate is removed before washing in order that only a small 
volume need be refiltered, should any precipitate go through the paper. Carefully 
examine the washings for suspended matter. If any is found, refilter through the 
same paper. 

Errors. In addition to the errors listed on page 376 the determination 
of sulfur is subject to the following: 

1. Loss by solubility because of strongly acid solution. 

2. Impurity of precipitate. See preliminary discussion. 

3. Reduction during ignition. This is a very frequent error in student 
analyses. 

4. Interfering substances. All metals which form insoluble sulfates 
should be absent. Univalent and divalent metals whose sulfates are 
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soluble cause no trouble beyond occlusion. Ferric, nitrate, and chlorate 
ions, in particular, are to be avoided. Other ions which form insoluble 
barium salts must be absent. 

5. Loss of solid during filtration. Because of the fineness of barium 
sulfate crystals, they often pass through the filter paper. Before the 
filtrate is discarded, it should be gently swirled, so as to collect solid 
matter at the center, and examined for suspended matter. If any marked 
cloudiness is seen, the filtrate should be digested for a time and refiltered 
through the same paper. 

Other Applications. The method is applicable for the analysis of 
barium and for all sulfur compounds which can be quantitatively oxi- 
dized to sulfates. Organic sulfur compounds may be oxidized by fusion 
with sodium peroxide in a Parr bomb, or by treatment with fuming 
nitric acid in a sealed tube. Lead and strontium may be determined 
gravimetrically as the sulfates if the solubility of the precipitate is di- 
minished by the addition of alcohol to the solution. The gravimetric 
method is not recommended for standardization of sulfuric acid solu- 
tions because of the errors due to coprecipitation. 


Sulfur in Ferrous Ammonium Sulfate 

Procedure. Iron is precipitated according to the procedure of page 
389. The combined filtrate and washings after removal of iron are 
evaporated with hydrochloric acid to destroy nitrate ion. 

Add to the solution obtained after destruction of nitrate ion (page 389) 
1 ml hydrochloric acid, and determine sulfur according to the procedure 
of page 391. Compute the percentage of sulfur as S0 3 . 

A reasonably good sulfur determination may be obtained on a ferrous 
ammonium sulfate sample without removal of iron, provided precautions 
are taken to prevent the presence of ferric ion. The weighed sample is 
dissolved in 200 ml water to which 1 ml hydrochloric acid has been added, 
and a few drops of stannous chloride solution (see page 222) are added. 
Sulfur is then determined as in the preceding exercise. 


Determination of Sulfur in Pyrites 

Sulfur occurs commonly in nature as sulfides of iron, copper, lead, or 
zinc. The general method of analysis involves the oxidation of sulfur to 
sulfate, removal of interfering substances, and precipitation and deter- 
mination as barium sulfate. Either a wet or dry method of oxidation 
may be employed. Each has advantages and disadvantages. In the 
wet method, the sample is treated with a strong oxidizing agent such as 
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aqua regia, fuming nitric acid, bromine, or potassium chlorate. The 
action is slow, and there is danger of incomplete oxidation. Nitrate or 
chlorate ion must be removed before precipitation of barium sulfate. 
Insoluble sulfates present may escape detection, since they are not 
attacked by the reagents. Silicate rocks are not decomposed by the wet 
treatment. The advantages of the wet method are that it introduces 
no new metal ions into the sample and that the sample so prepared may 
be used for the analysis both of sulfur and of the metals. Dry oxida- 
tion is carried out by fusing the sample with sodium carbonate and an 
oxidizing agent, such as potassium nitrate or sodium peroxide. This 
method effects rapid and complete decomposition of the sample, but it 
has the disadvantage that large amounts of sodium or potassium ion are 
introduced. In addition, the fusion mixture attacks the iron or nickel 
crucible used, bringing appreciable quantities of the metal into solution. 
Fused samples, therefore, are not suitable for the determination of the 
metal content of the sample. A further disadvantage of the fusion 
method is the danger of contamination by sulfur from the gas flames 
which heat the fusion crucible since sulfur dioxide in the gas from the 
flame is rapidly absorbed by the alkaline melt. Care must be taken to 
protect the crucible from the flame and, by a blank fusion, to insure the 
absence of sulfur in the reagents. 

The analysis of pyrite is chosen as an example because of the ease of 
decomposition of this mineral and the widespread occurrence of sulfur 
in this form. The method given is a modification of the method of Allen 
and Bishop. 3 The coprecipitation of ferric ion is minimized by reduc- 
tion with aluminum. 

Procedure. Grind a sample of pyrite to pass an 80-mesh sieve, dry 
at 100-1 05 °C (note 1) for 1 hour, and weigh out samples of 0.5 g. Trans- 
fer the samples to dry 20Q-300-ml beakers, add 10 ml of a mixture of two 
volumes of liquid bromine (note 2) to three volumes of carbon tetra- 
chloride (Caution: Use a good hood), and cover with a watch glass. 
Allow the mixture to stand 15 minutes at room temperature, then add 
15 ml nitric acid, and allow to stand another 15 minutes, shaking occa- 
sionally. Heat gently on a thick asbestos plate on top of a steam bath. 
When the reaction ceases, and most of the bromine is gone, place the 
beaker on the steam bath, elevate the cover by glass hooks, and evapo- 
rate to dryness. Add 10 ml hydrochloric acid, and again evaporate to 
dryness. Place the beaker in an oven at 110-T20°C for an hour or 
longer in order to dehydrate silica (see Chapter 22). Drench the hot 
mass with 4 ml hydrochloric acid, add 100 ml hot water, digest for a 

8 W. S. Allen and H. B. Bishop, 8th Intern. Congr. Applied Chem. y 1 - 2 , 48 (1912). 
See Hillebrand and Lundell, Applied Inorganic Analysis , page 571. 
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few minutes, and add 0.2 g powdered aluminum to reduce the iron 
(note 3). After the solution becomes colorless, cool and filter. Wash 
the beaker and filter paper with hot water. Dilute the filtrate and 
washings to 500-700 ml, add 1 drop stannous chloride solution (note 4), 
heat to boiling, and precipitate sulfur according to the procedure given 
previously. 

Notes. 1. Drying at 100°C docs not cause an appreciable oxidation of sulfides. 

2. Sulfur is oxidized to a bromine compound in the carbon tetrachloride treatment. 
Subsequent addition of nitric acid causes the oxidation of this to sulfate. If nitric 
acid is added at first, the oxidation is slow because of separation of free sulfur which 
agglomerates in the hot solution and is but slowly attacked. 

3. Many analysts prefer to precipitate the iron, as given in the analysis of iron 
samples, rather than to reduce by aluminum. 

4. Stannous chloride is added to prevent reoxidation of ferrous ion by air. 


PHOSPHORUS (Mg) 

Phosphorus is determined by precipitation as the complex salt, mag- 
nesium ammonium phosphate hexahydrate, MgNH 4 P 04 • 6H 2 0, from an 
ammoniacal solution. The precipitate may be dried at room tempera- 
ture and weighed as the hexahydrate, or, by ignition at 1000-1 100°C, it 
may be converted to the pyrophosphate Mg 2 P 2 C >7 and weighed in this 
form. 

Properties of the Precipitate. Precipitation is carried out by slow 
neutralization of an acid solution which contains magnesium, ammo- 
nium, and acid phosphate ions. While acid is in excess, no precipitate 
is formed, but on neutralization the concentration of the phosphate ion 
is increased, and a supersaturated solution is obtained from which the 
hexahydrate slowly precipitates. After addition of ammonium hy- 
droxide, the solution must be allowed to stand for several hours before 
filtration, in order that precipitation may be complete. 

The equilibria involved in the formation of the precipitate are com- 
plex. Application of the solubility-product principle gives the expres- 
sion, 

[Mg ++ ][NH 4 + ][P0 4 T - Ksp 
Since the third ionization of phosphoric acid, 

hpo 4 == = po 4 s + h + 

is very slight, the concentration of phosphate ion in an aqueous solution 
depends on the concentration of hydrogen ion. The solubility of the 
precipitate is therefore highly dependent on the pH of the solution. 
In pure water at room temperature it is quite soluble. Addition of am- 
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monium chloride increases the solubility rather than decreases it, accord- 
ing to the common-ion effect, since ammonium chloride gives by hy- 
drolysis an acid solution which represses the concentration of phosphate 
ion. In ammonium hydroxide solution, however, the concentration of 
phosphate ion is increased, and the precipitate is less soluble. Precipita- 
tion is therefore carried out in an ammoniacal solution. Ammonium 
ion must be present, both for formation of the precipitate and to prevent 
precipitation of magnesium hydroxide (since ammonium ion decreases 
the hydroxide-ion concentration). 

It is difficult to obtain a precipitate of the composition represented by 
the formula MgNII 4 P0 4 . Unless the concentrations of the various ions 
and the pH of the solution are held within narrow limits, the precipitate 
will be contaminated by phosphates of other composition, such as 
MgHP(>4 and Mg 3 (P04) 2 . Least contamination is observed if precipi- 
tation is carried out by slow neutralization of an acid solution, but even 
that will not insure a precipitate of the correct composition. In an 
analysis it is often impossible to know the concentration of all ions 
present when the determination has been preceded by removal of inter- 
fering ions, and it is usually necessary to use a double precipitation in 
order to obtain accurate results. The precipitate first obtained, of un- 
certain composition, is dissolved in acid, and the final precipitation is 
made from this solution under carefully determined conditions. 4 

The solution must be free of all metal ions other than those of mag- 
nesium, the alkalies, and ammonium. Salts of the alkali metals are 
occluded to a marked extent in the first precipitation, but a double pre- 
cipitation will give accurate values except in the presence of potassium, 
which tends to form mixed crystals of the composition Mg(NH 4 ,K)P04. 
If potassium is present, three or more precipitations may be needed. In 
the determination of phosphorus a preliminary separation from the 
heavy metals is made by precipitation with ammonium molybdate, as 
described subsequently. In magnesium determinations other metals are 
first removed by precipitation, just as in the procedures of qualitative 
analysis. 

The hexahydrate is rather stable at room temperature, and Worsham 6 
has suggested drying by alcohol and ether and weighing in this form. 
The method, which is recommended by Fales 6 and Mehlig, 7 has been 
tested in student analyses by the present authors. Although drying at 

4 See A. Epperson, J. Am. Chem. Soc., 60, 321 (1928). 

6 W. A. Worsham, Jr., dissertation, Columbia University, 1923. 

: H. A. Fales, Inorganic Quantitative Analysis, page 222, Century Co., New York, 
1925. 

7 J. P. Mehlig, J. Chem. Education, 12 , 288 (1935). 
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room temperature is not in general an advisable procedure, because 
there is no criterion as to completeness, in this determination it is often 
advantageously employed because of the difficulties attendant on igni- 
tion of the precipitate. The composition of the precipitate is even 
more important when it is weighed as the hexahydrate than when it is 
ignited, since on ignition all volatile matter is expelled. Furthermore, 
the precipitate must not at any time be warmed, since at temperatures 
of 40-60°C the hexahydrate loses water and forms the monohydrate. 

Hoffman and Lundell 8 have studied the ignition of the precipitate, 
and they recommend a temperature of 1100°C. At 1000°C constant 
weight is attained only slowly, and at 1200°C the pyrophosphate slowly 
decomposes. Results accurate enough for most determinations may be 
obtained by ignition at lower temperatures, even by blast-lamp ignition 
in a Gooch crucible which is heated within another porcelain crucible. 
The temperature thus reached is probably about 800-900°C. Ignition 
in a crucible, with filter paper, has the serious disadvantage that the 
precipitate is very easily reduced by the paper. Correct results can be 
obtained only by very slow charring of the filter paper and subsequent 
low-temperature heating, with plentiful access of air until the carbon of 
the paper is entirely consumed. Gases from the flame may also reduce 
the precipitate, and use of an electric muffle furnace is recommended if 
one is available. Detaching the dried precipitate from the paper and 
burning the paper in air so that the ash falls into the crucible are advan- 
tageous for the experienced analyst, but they often lead to difficulty 
with students because of danger of loss of the dried precipitate. A well- 
ignited precipitate gives a pure white compound of pyrophosphate, but 
that obtained in practice is often somewhat gray in color, because of 
enclosed carbon. 

Determination of Phosphoric Anhydride in Phosphoric Acid 

A very convenient student exercise is the analysis of phosphoric acid 
solutions, since the unknown sample is free of interfering substances and 
is of known strength. The sample issued is accurately measured into a 
volumetric flask. It is diluted to definite volume, and aliquot portions, 
of such size as to contain 125-200 mg phosphoric oxide, are analyzed. 

Procedure. Obtain a sample (note 1) in a calibrated 250-ml volu- 
metric flask, dilute to volume, mix thoroughly, and withdraw three 
50-ml aliquot portions. Transfer the samples to 250-ml beakers, dilute 
to 100 ml, and add a drop of methyl red indicator and 15 ml of magnesia 
reagent (note 2). 

8 J. I. Hoffman and G. E. F. Lundell, Bur . Standards J. Research , 5, 279 (1930). 
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* Cool in a dish of ice water, and, with constant stirring, slowly add a 
concentrated solution of filtered ammonium hydroxide until the indica- 
tor changes color. Avoid scratching the sides of the beaker while stir- 
ring (note 3). Continue stirring for a few minutes, until a precipitate 
has formed, then add 5 ml ammonium hydroxide, and allow the solu- 
tion to stand in ice water for 4 hours (note 4). Filter the cold solution 
through a retentive filter paper, keeping the precipitate in the beaker; 
then wash once by decantation with 25 ml 1 A ammonium hydroxide 
which has been chilled. Discard the filtrate and washings. Place be- 
neath the funnel the beaker which contains the precipitate, and dissolve 
the precipitate by slowly pouring 50 ml hot 1 N hydrochloric acid 
through the filter paper, taking care to wet all portions of the paper 
repeatedly. Wash the paper with a little hot Water, catching all wash- 
ings in the beaker which contains the sample. Discard the paper. Di- 
lute the solution of the redissolved sample to 100 ml, add 2 ml magnesia 
mixture, and again precipitate as above. After standing, filter and ignite 
according to one of the following methods. From the weight of pre- 
cipitate calculate the weight of phosphoric anhydride (P2O5) in the 
aliquot portion analyzed and the total weight received. 

A . As Hexahydrate. Prepare three Gooch or filtering crucibles, but 
instead of drying in an oven pass through the crucibles two 15-ml por- 
tions of 95 per cent alcohol followed by two 15-ml portions of ether. 
Continue to draw air through the crucible 5-10 minutes after the last 
portion of ether is added, then remove the crucible, dry the outside with 
a clean cambric towel, and let it stand in the balance case for 20 minutes 
before weighing. After weighing repeat the washing, and reweigh. The 
second weight should agree within 0.4 mg. Place the weighed crucible 
in its holder, apply suction, and decant the well-cooled supernatant 
liquid from the precipitate. Wash once by decantation with cold 1 N 
ammonium hydroxide, then transfer the precipitate to the crucible, 
and complete the washing, sucking the precipitate dry after each addi- 
tion of liquid. The total volume of wash liquid need not exceed 50-75 ml. 
When washing is complete, as shown by a test for chlorides, dry the 
precipitate by passing alcohol and ether through the filter, as in the 
preparation of the crucible. Every detail in drying and weighing the 
precipitate should be exactly like the same operation in the preparation 
of the crucible in order to provide for a cancelation of errors. Weigh as 
the hexahydrate, Mg(NH4)P0 4 -6H 2 0. A second weighing is unneces- 
sary. 

B. Ignition in Filtering Crucible, Prepare three filtering cru- 
cibles, and ignite to constant weight by a blast lamp or Meker burner. 
During ignition the crucible is placed within a porcelain crucible as 
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shown on page 322. Filter the sample, and wash with ammonium hy- 
droxide, as directed previously; then dry the precipitate in an oven, and 
ignite for 20- to 30-minute periods until constant weight is obtained. 
Use a muffle if available. The final form of the precipitate is as the 
pyrophosphate Mg 2 P 207 . 

C. Filter Paper, Decant the solution above the sample through a 
small ashless paper, and wash the residue twice with cold 1 N ammonium 
hydroxide by decantation; then transfer the precipitate to the paper, and 
continue washing until a test shows absence of chlorides. Use as little 
wash liquid as possible. Suction may advantageously be used for this 
filtration. See page 319. Allow the paper to drain thoroughly, transfer 
it to a previously ignited and weighed porcelain crucible, and very 
slowly dry and char the filter paper, leaving the crucible uncovered. 
When no more smoke escapes, set the crucible in a slanting position, and 
oxidize the carbon by a very small flame. When the carbon is oxidized, 
complete the ignition as usual, heating with a blast lamp for 20-minute 
periods until a constant weight is obtained. 

Notes. 1. 30 to 40 ml of partially neutralized phosphoric acid solution which 
contains about 30 mg P 2 O 5 per milliliter. After dilution the solution will contain 
4-5 mg P 2 O 6 per milliliter, and a 50-nil portion will give the desired amount for an 
analysis. 

2. Preparation: To 50 g MgCl 2 -6H 2 0, dissolved in 500 ml water, add 100 g 
NH 4 CI and a slight excess of NH 4 OH. Allow to stand overnight, and filter if cloudy. 
Make slightly acid with HC1, and dilute to 1000 ml. 

3. Crystals adhere very firmly to any scratched places on the wall of the beaker. 

4. Standing overnight at room temperature is also satisfactory. 

Errors . In addition to the errors listed on page 376, the most impor- 
tant ones in this determination are those mentioned in the introductory 
section. They are: 

1. Loss by solubility. Negligible if directions are followed. 

2. Incorrect composition of precipitate. If a double precipitation is 
carefully carried out, a precipitate of correct composition may be ob- 
tained. See Epperson, loc . cit. 

3. Ignition errors. See previous discussion. 

4. Solution of silica from glassware. When ammoniacal solutions are 
left in glass vessels, some silica is nearly always dissolved. It may be 
carried down by the precipitate. Only freshly filtered ammonia should 
be used for the precipitation. 

5. Interfering substances. All common metal ions except those of 
magnesium and the alkalies must be absent. Arsenates if present are 
precipitated as magnesium ammonium arsenate. 

Other Applications. Arsenates are determined by a similar pro- 
cedure. Magnesium (see Chapter 22) is precipitated by addition of 
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ammonium phosphate solution. Manganese, cadmium, zinc, and cobalt 
form double phosphates similar to that of magnesium. This is a common 
method for the analysis of zinc. 


Determination of Phosphoric Anhydride in a Mineral 

The determination of phosphorus in a mineral is a much more com- 
plicated procedure than the simple analysis given above. The chief 
mineral sources of phosphorus are calcium phosphate rocks, in which 
calcium phosphates of varied composition are associated with large 
amounts of fluorine and smaller amounts of silicates, carbonates, alu- 
minum, and magnesium. In nitric acid solution phosphates can be 
separated from the interfering constituents ordinarily present by pre- 
cipitation as ammonium phosphomolybdate. This precipitate, which is 
approximately represented by the formula, 


(NH 4 ) 3 P 0 4 • I2M0O3 • h 2 o 


is not definite enough in composition to be used for a final weighing in 
exact analyses, but from the solution obtained by dissolving the pre- 
cipitate in ammonium hydroxide the phosphorus may be precipitated 
as magnesium ammonium phosphate, as in the above analysis. 

Because of the colloidal nature of ammonium phosphomolybdate, 
precipitation is best carried out in warm solutions. If, however, the 
temperature rises much above 60°C, the nitric acid solution of molybdic 
acid employed as reagent decomposes, and the precipitate is contami- 
nated by molybdic anhydride, M0O3. Large amounts of ammonium 
nitrate are necessary in formation of the precipitate, and a large excess 
of molybdic acid reagent is needed. The precipitate is readily peptized 
if washed with water, but remains as a gel in the presence of dilute am- 
monium nitrate solutions. 

A number of interfering substances may cause difficulty in the pre- 
cipitation of ammonium phosphomolybdate. Arsenic forms a complex 
molybdate and must be absent. Large amounts of sulfates, chlorides, 
fluorides, and organic substances retard formation of the precipitate, 
but these are not usually present in phosphate rocks in amounts suffi- 
cient to cause trouble. Silica must be removed prior to precipitation of 
phosphorus. Titanium, zirconium, and tin may lead to loss of phos- 
phorus, by formation of insoluble compounds which remain in the silica 
precipitate. Iron and tin may cause loss of phosphorus at the time of 
dissolving the phosphomolybdate precipitate in ammonium hydroxide, 
but interference from this source may be eliminated by adding to the 
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ammonium hydroxide a small amount of ammonium citrate. This, by 
formation of complex ions with the metal ion, causes the solution of 
ferric or tin phosphates. 

In analyses which do not require high accuracy the precipitate of 
ammonium phosphomolybdate may be dissolved in a measured volume 
of standard sodium hydroxide solution and the excess of base titrated 
with standard acid. The reaction is: 

(NH4) 3 P0 4 • 12Mo0 3 + 23NaOH 

= llNa 2 Mo0 4 + (NH 4 ) 2 Mo 0 4 + NaNH 4 HP0 4 + 11H 2 0 

Procedure. Weigh out duplicate samples of 0.3-0.4 g of the well- 
ground and dried mineral. Transfer to a smaJJ beaker, add 1 5 ml 6 A 
nitric acid, cover with a watch glass, and heat until the sample has dis- 
solved (note 1), replacing acid if any evaporates. After solution of the 
sample, set the watch glass on glass hooks which hang on the rim of 
the beaker, and evaporate to dryness on the steam bath. Heat in an 
oven for 1 hour at 110-120°C (note 2), digest with 25 ml 6 A nitric 
acid to dissolve the soluble portions, filter off the silica (catching the 
filtrate in a 250-ml beaker), and wash with a little hot water. Test for 
completeness of washing by neutralizing a 5-ml portion of wash liquid 
with ammonium hydroxide. If calcium and phosphate ions are still 
present, a gelatinous precipitate of calcium phosphate will form. Should 
an appreciable precipitate form, add the tested portion to the solution, 
and continue washing. 

To the filtrate and washings, which should not exceed 100 ml in vol- 
ume, add 6 A ammonium hydroxide until a slight permanent precipitate 
is formed, then make slightly acid by addition of nitric acid until the 
precipitate dissolves. Avoid a large excess. Heat the solution to 60°C, 
stirring with a thermometer; then lower the flame so as to keep it at just 
this temperature, and add with stirring 75 ml warmed molybdate re- 
agent (note 3). Digest at this temperature for half an hour, with frequent 
stirring, and then allow the solution to stand 4 hours at room tempera- 
ture. Filter and wash several times by decantation with ammonium 
nitrate (note 4) solution. Set the beaker in which the bulk of precipitate 
remains beneath the funnel used for filtration, and dissolve the precipi- 
tate by pouring through the filter 20 ml 5 A ammonium hydroxide solu- 
tion. Wash the filter with several portions of hot 0.5 A ammonium 
hydroxide and then with hot dilute hydrochloric acid solution, catching 
all washings in the beaker which holds the solution of the sample. The 
total volume should not exceed 100 ml. Add methyl red indicator to 
the solution, and carefully neutralize with 6 A hydrochloric acid. If 



402 Gravimetric Analysis of Simple Mixtures 21 

this operation is not done with care, a precipitate of phosphomolybdate 
may come down. Should this occur, add ammonium hydroxide until 
the precipitate is redissolved, and again neutralize. Add to the barely 
acid solution 15 ml magnesia reagent, and precipitate magnesium am- 
monium phosphate according to directions on page 398, starting at the 
star. A double precipitation is essential because of the presence of 
molybdate. Weigh the precipitate according to one of the methods de- 
scribed, and determine the percentage of P2O5 in the mineral. 

Notes. 1 . The reaction is 

Ca 3 (P0 4 ) 2 + 4H+ = 3Ca ++ + 2H 2 P0 4 ~ 

2. For dehydration of silica. See Chapter 22 for discussion. 

3. Prepare the reagent as follows: Add 120 g molybdic acid (85 per cent M 0 O 3 ) 
to a solution of 80 ml concentrated ammonium hydroxide in 400 ml water, and stir 
until all has dissolved. Filter the cloudy solution, and pour the filtrate slowly and 
with constant agitation into a cold mixture of 400 ml concentrated nitric acid and 
600 ml water. Filter before use, since nearly always there is a precipitate of molybdic 
anhydride. 

4. 5 g per 100 ml. 

ORGANIC PRECIPITANTS 

The scope and applicability of gravimetric analytical methods have 
been extended by the somewhat recent introduction of organic precipi- 
tants that can be used for various metal ions (see page 314). Among 
the more important organic precipitants arc: 

Dimethylgly oxime, which is widely used for precipitation of nickel 
and will separate nickel from cobalt, manganese, iron, and other metals. 

Cupfcrron , which is used to make a number of separations, particu- 
larly of iron, zirconium, and titanium from manganese and aluminum. 

Nitron , which forms a precipitate with nitrate ion. 

a-nitroso-fi-naphthol, which precipitates copper, palladium, iron, and 
cobalt. An important application is precipitation of cobalt in presence 
of nickel. 

8-hydroxy quinoline, which is most widely used for magnesium. 

After precipitation with an organic reagent the analyst often has a 
choice of drying at about 105°C and determining the weight of the pre- 
cipitate or of dissolving the precipitate and determining the amount of 
metal ion indirectly by a volumetric determination of the amount of 
organic reagent in the precipitate. Both methods are illustrated in the 
procedures given for determination of magnesium with 8-hydroxy quino- 
line. 


Determination of Magnesium by 8-Hydroxyquinoline 

The use of 8-hydroxyquinoline, or “oxine” as it is commonly called, 
began with studies of Berg in 1927. A number of metals form precipi- 
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tates with this reagent. The most widely used applications are for 
precipitation of magnesium in presence of alkali metal and ammonium 
salts and for separation of aluminum from magnesium and beryllium by 
precipitation from a buffered acetic acid solution. 

The reagent has the formula C9H7ON, and it acts as a univalent ion, 
C9II6ON - in its combination with metals. It is a weak acid, and 
its precipitates are all soluble in strong acids. The precipitate 
with magnesium contains two molecules of water, having the 
formula Mg(C 9 H 6 ON) 2 • 2H 2 0. 

It is shown, in a study by Miller and McLennan, 9 that formation of 
the magnesium precipitate is best made in an ammoniacal solution, that 
a large excess of oxine must be avoided, and that oxalates cause error. 
When magnesium is to be determined by precipitation with oxine in a 
mineral analysis it is preferable to destroy oxalates before precipitating 
the magnesium. 

Analysis of Magnesium Sulfate. Procedure. Weigh out three 
samples of the dried material of such size that each will furnish 10-50 
mg MgO. Transfer to 400-ml beakers, and dissolve in 100 ml water. 
Add 2 g NH4CI and 0.5 ml o-cresolphthalein indicator (0.2 per cent in 
alcohol), and neutralize with 0 N NH4OII until a violet color is obtained 
(pH near 9.5) ; then add 2 ml NII4OII in excess. Heat to 70-80°C, add 
very slowly and with constant stirring a 5 per cent solution of oxine in 
2 N acetic acid to about 10 per cent excess above the calculated amount 
(see instructor) . Avoid a large excess. Digest for 10 minutes on the steam 
bath, and then filter through a Selas or Gooch crucible. A trace of 
sodium tauroglycocholate if added at the time of digestion will reduce 
the tendency of the precipitate to stick to the walls of the beaker. Wash 
with small portions of hot water, using about 50 ml in all. Dry in an 
oven at 105°C, and weigh as Mg(C9H 6 0N)2-2H 2 0. Alternatively the 
precipitate may be dissolved and the amount of oxine present deter- 
mined by oxidation titration, as described on page 261. 

QUESTIONS 
A . Chloride 

1. Why is a filtering crucible used for filtration? 

2. Explain the following, and predict the effects on the analysis if the steps were 
omitted : 

(а) The addition of HNO3 to the unknown solution. 

(б) The excess of AgNCb solution. 

(c) The presence of HNO3 in the wash water. 

9 Miller and McLennan, J. Chem. Soc. London , 1940, p. 656. 
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3 . List two metals and five anions which can be determined by slight modifica- 
tions of the methods of this section. 

4 . What do you think of the determination of lead by precipitation as lead chlo- 
ride? 

5 . An unknown contains a mixture of sodium carbonate and sodium chloride. 
Describe a method by which each constituent could be determined. 

6. Why is hot 0.01 AT HNO3 solution not used to wash the AgCl? 

7 . How is completeness of washing tested? 

8. What occluded substances might contaminate a precipitate of silver chloride? 
(Consider the adsorption conditions at the time of precipitation.) If this method 
were used for determination of silver what might be occluded? 

9 . Which of the following ions will interfere with a Cl~ determination: Hg ++ , 
Hg 2 ++ , Co ++ , Br“ F“, S 0 4 - NO3-? 

10 . During the determination of silver as AgCl the following substances were 
occluded. What effect do they have on the result if the ignition process consists of 
simply drying in the oven? 

(a) NaCl 

( b ) AgN 0 3 

11. Why can washing be effectively done with a smaller volume of wash liquid 
when a Gooch crucible is used than when filter paper is used? 

12. Outline a method for the analysis of a sample containing both chloride and 
chlorate. 

13 . How might the chlorine content of chloroform be determined? 

14 . How would you determine the bromine content of a photographic emulsion? 

15 . If a solution of hydrochloric acid is standardized gravimetrically, the value 
found for the concentration may be higher than that found by volumetric standard- 
ization. Suggest possible reasons for this. 

16 . List three methods for standardizing a solution of hydrochloric acid. 


B. Iron 

1 . State the reason for using an electrolyte in the wash solution. Could NH4CI be 
used? II Cl? (FeCl 3 is volatile at ignition temperatures.) 

2 . Explain briefly: 

(а) Why is the technique of reprecipitation employed? 

(б) Why is the precipitate washed with ammonium nitrate solution? 

(c) Why is paper chosen as the filtering medium? Why is the use of macerated 
filter paper recommended? 

(d) What other ions if present will interfere with the determination? 

3 . What effect on the observed percentage of iron will each of the following errors 
have? How can these errors be eliminated? 

(а) Incomplete oxidation to Fe +++ . 

(б) SiC>2 in the ammonium hydroxide. 

( c ) Occlusion of Fe(0H)S04. 

(d) Reduction to Fe304 during the ignition. 

4 . Could KaCr207 be used as the agent to oxidize the iron to Fe + “ H_ ? 
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5. If Mg ++ is present in the solution from which Fe and A1 are to be precipitated 
as combined hydroxides, a fairly high concentration of ammonium chloride must be 
present. Why? 

6. Why is the gravimetric method seldom used for the determination of iron in 
ores? Why, in rock analyses, are iron and aluminum precipitated gravimetrically? 

7. Which would you expect to be most highly coprecipitated by hydrous ferric 
oxide, provided the two were present in equal concentration, Ba ++ or K + ? Why? 

8. Why is reprecipitation employed for iron but not for chlorine? 

9. Show, by equations, that if sulfur, as a basic ferric sulfate, is occluded with 
ferric hydroxide the result of the analysis is not affected. 

10. What error is introduced if an unwashed ferric h^Sroxide precipitate is allowed 
to dry in the filter before washing is completed? 


C. Sulfur 

1. What effect would the occlusion of each of the following have: Ba(NOa) 2 , 

Na 2 S0 4 , Fe 2 (S0 4 ) 3 

(a) On a sulfur determination in which the precipitate is collected in a filtering 
crucible and dried in oven? 

( [b ) On a barium determination in which the precipitate is collected upon a 
filter paper and ignited to red heat? 

2. How would each of the following affect the results of the analysis for sulfur? 

(a) Use of hot wash water. 

(b) Precipitation in a strongly acid solution. 

(c) Occlusion of ferric chloride (the precipitate is ignited to red heat). 

(i d ) Reduction to BaS during the ignition. 

3. Which of the following have to be absent in the determination of Ba ++ as 
BaS0 4 : Mg++, Pb + +, Na+, N0 3 “, Cl", P0 4 s ? 

4. Why is the solubility of barium sulfate increased by the presence of acids? 

5. How would you analyze a sample of BaS0 4 ? 

6. Outline a procedure for the analysis of PbS. 

7. List the various ways of minimizing or avoiding occlusion. Which methods have 
been applied in the procedures of this chapter? 

8. If Ba were present in a pyrite, what effect would it have on the determination of 
the percentage of sulfur determined (a) by the wet oxidation method, (6) by the 
fusion procedure? 


D . Phosphorus 

1. Describe the various methods which may be used for ignition of a precipitate 
of magnesium ammonium phosphate. 

2. Why must phosphorus in apatite be precipitated by molybdate reagent before 
it is precipitated as the magnesium salt? 

3. Show, by structural formulas, the relationship among ortho-, pyro-, and meta- 
phosphoric acid, and between phosphorus pentoxide and these acids. 

4. List the most probable errors. How does each affect the result? 

5. What is the effect on the result of an analysis for phosphorus if part of it pre- 
cipitates as Mg 3 (P 0 4 )2 which ignites without change? 
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PROBLEMS 

1. What is the percentage purity of a sample of KCIO3 which weighed 0.7440 g 
and yielded a precipitate of AgCl which weighed 0.8600 g? 

2. In what proportions would KC1 be mixed with NaCl or LiCl to produce a 
mixture which contains 65.00 per cent Cl? 

3. How many milliliters HN0 3 (density 1.42, 69.8 per cent HN0 3 by weight) are 
needed to oxidize the iron in 50 ml of a solution which contains 10 mg of ferrous 
sulfate per milliliter: 

(a) On the basis that the reduction product of HNO3 is NO and that enough 

acid must be added to furnish both the necessary H + and NC>3~? 

(1 b ) On the basis that NO is formed but that the solution is acidic and only 

enough HNO3 must be added to furnish the necessary N(>3 _ ? 

4. A mixture of iron and aluminum oxides weighs 0.0575 g and contains 15.0 per 
cent Al. How many milliliters of 0.0100 N KMn0 4 will be required to titrate the 
iron after the oxides have been dissolved and the iron reduced to the ferrous condition? 

5. A mixture of 0.5000 g of FeO and 0.2500 g Fe203 is heated in air (FcO is oxidized 
to Fe 2 0 3 ). What is the weight of the solid? A stream of hydrogen is passed over 
the heated solid to reduce the oxide to metallic iron. What is the weight of the metal? 

6. A sample of Mohr’s salt and impurities which are inert to both NH 3 and BaCl 2 
yielded a precipitate of BaS0 4 which weighs 0.2500 g. 

(a) What weight of Fe 2 C>3 could be obtained from the sample? 

( b ) What is the percentage of Mohr’s salt present if the sample weighed 0.5000 g? 

7. What volume of 0.12 M BaCl 2 is required to precipitate the BaS0 4 after the 
oxidation of a sample of 0.1 g of ore which is approximately 80 per cent FeS 2 ? 

8. What weight of pyrite must be taken for analysis so that each milligram of 
precipitated BaS0 4 shall represent 0.1 per cent sulfur in the sample? 

9. A sample is a mixture of Mohr’s salt [FeS0 4 - (NH 4 ) 2 S0 4 -6H 2 0] and (NH 4 ) 2 S0 4 . 
A 0.5000-g sample gave a precipitate of 0.7500 g BaS0 4 . Calculate the percentage 
composition of the mixture. What weight of Fe 2 C>3 would be obtained if 0.2000 g of 
the sample were ignited in air? 

10. How many grams of Na 2 0 2 are required to oxidize 0.4500 g ZnS to ZnS0 4 ? 

11. What volume of 0.1 A KOH is used for titration of the molybdate precipitate 
obtained from 0. 1 g P2O5? 

12. A chloride mixture is prepared by grinding together pure BaCl 2 -2H 2 0, KC1, 
and NaCl. What is the smallest volume of 0.15 M silver nitrate solution that may 
be used for complete precipitation of chloride from a 0.3-g sample of the mixture 
which may contain any or all of the above constituents? 

13. What weight of iron ore must be taken for analysis in order that the weight 
of ferric oxide obtained in the analysis shall be multiplied by 50 to give the percentage 
of Fe30 4 in the sample? (Assume all the iron present in the ore as Fe30 4 .) 

14. Improper ignition of a ferric oxide precipitate gave a product containing both 
Fe 2 03 and Fes0 4 . The weight of the ignited residue was 0.2240 g. The precipitate 
was reduced, by a stream of hydrogen, to iron and reweighed, giving a residue of 
0.1578 g. The original sample taken for analysis weighed 0.4500 g. What was the 
percentage of Fe 2 03 reported on the basis of the ignited precipitate? What was the 
true percentage? 

15. A 10.00-g soil sample was extracted with water and the solution diluted to 
500.0 ml; 50.00 ml of this solution was used for a phosphorus determination. The 
precipitate of ammonium phosphomolybdate was dissolved in 25.00 ml of 0.1233 N 



21 Problems 407 

sodium hydroxide. To neutralize the excess base, 18.63 ml of 0.0683 N nitric acid 
was needed. Calculate the percentage of phosphorus pentoxide in the soil. 

16. Cobalt is sometimes precipitated with a:-nitroso-/3-naphthol as Co[Ci 0 H 6O(NO)]3 
and ignited in a stream of O2 to C03O4. At other times the precipitate is ignited in 
H2 and weighed as Co. What weight of cobalt would have been obtained from the 
same weight of sample which produced 0.2125 g C03O4? 

17. A sample of CaCOs and FeC(>3 contains equal portions of each by weight. 
Strong ignition produces CaO and Fe203. What is the weight of a 1.000-g sample 
after thorough ignition? 

18. A 0.7500-g sample of an alloy steel yielded on electrolysis 0.1532 g of a mixed 
deposit of Co and Ni. This is dissolved, and the precipitated nickel dimethylglyoxine 
weighs 0.3560 g. What are the percentages of the two metals in the alloy? 

19. A student sample is prepared by mixing Ca3(P04)2-CaCl2 with SiC>2. A 
0.5000-g sample yields 0.1825 g Mg2P207- What volume of an (NH4)2C2C>4 solution 
of 40 mg per milliliter is needed to precipitate the calcium from a 1.000-g sample of 
the unknown? 

20. What volume of NH3 solution (density — 0.946 g/ml, 15% NH3) is required 
to precipitate the iron as ferric hydroxide from a sample of FeS04* (NhL^SCVOH^O 
which in turn required 0.30 ml HNO3 (density = 1.350 g/ml, 55% HNO3) to oxidize 
it? Assume that the HNO3 is reduced to NO and that the 0.30 ml furnished both 
the needed NO3 - and H + . 

21. What error in parts per thousand and in percentage of Cl present is made if 
1.0 mg AgCl is mechanically lost in an analysis whereby a 0.3500-g sample produces a 
precipitate of AgCl which weighs 1.000 g? 

22. 1“ can be separated from other halides by precipitation as Pdl2 and weighed 
as such or reduced in a current of H2 to Pd. A 0.5000-g sample of KI and NaCl and 
inert impurities gave a precipitate of mixed silver halides which weighed 0.8000 g. 
A 0.2000-g sample yielded 0.04250 g metallic palladium. Find the percentages of 
NaCl and KI in the sample. 

23. A mixture of KCIO4 and KCIO3 can be analyzed as follows: 

(a) The mixture is ignited with NH4CI and AgCl is precipitated from the resid- 
ual KC1. 

(i b ) The mixture is treated with SO2 which reduces only the chlorate to chloride, 

and again the precipitated AgCl is weighed. 

From the following data find the percentage of KCIO4 in a mixture: 

Weight of sample 0.2610 g 

Weight of AgCl from step 1 0.1490 g 

Weight of AgCl from step 2 0.0745 g 



CHAPTER 



Analysis of Limestone 


The complete analysis of a complex sample, involving the determina- 
tion of several constituents, is an important exercise in the training of 
analytical chemists. The operations involved in the determination of 
each constituent are the same as in the determination of that constituent 
in a simple mixture, but a complete analysis is more difficult because 
errors introduced at any stage of the procedure will affect all subsequent 
determinations made on the sample. The material almost universally 
chosen for the first complete analysis is a dolomitic limestone rock. This 
mineral is chosen both because limestone is commercially important 
and because this analysis is typical of all mineral analyses. The analysis 
is one of the easiest of the complex mineral analyses because the samples 
are usually brought into solution readily, whereas many other minerals 
require great skill for this operation. 


PART I. GENERAL DISCUSSION 

A complete discussion of the field of mineral analysis is beyond the 
scope of an elementary textbook, but in connection with this analysis 
attention is called to methods which are of general application to other 
minerals. For more detailed discussion see the references listed in the 
Bibliography, and, in particular, Applied Inorganic Analysis , by Hille- 
brand and Lundell. Frequent reference is made to this publication in 
the following discussion. 

Composition of Limestones. Hillebrand and Lundell discuss min- 
eral analysis under the general classifications of silicate and carbonate 
rocks. The silicate rocks contain large amounts of silicates and can be 
brought into solution only by fusion with sodium carbonate, whereas 
carbonate rocks are those which contain relatively small amounts of 
silicates but large amounts of carbonates. The carbonates are, in gen- 
eral, more or less readily disintegrated by treatment with dilute acids. 
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These classifications are not absolute, nor are the analytical methods 
peculiar to one class or the other, since after solution of a sample the 
analysis of all minerals is very similar. Limestone rocks contain large 
amounts of carbon dioxide as carbonates of calcium and magnesium; 
nevertheless, it is often necessary to fuse the sample in order to effect 
solution. 

The composition of dolomitic limestones may vary over wide ranges, 
as is shown in Table 34 , which gives the approximate composition of the 
type of sample employed in student analyses. In addition to the con- 
stituents listed, there may be appreciable quantities of water, both 

TABLE 34 

Approximate Composition of Limestone 


Constituent 

Percentage 

C0 2 

30-45 

Si0 2 

1-20 

Fe 2 03 

0- 2 

AI 2 O 3 

0- 5 

CaO 

35r-45 

MgO 

10-25 

Na 2 0 + K 2 0 

0- 3 


hygroscopic and combined; manganese, titaniVm, and phosphorus; and 
traces of lithium, sulfur, chlorine, molybdenum, and other substances. 

Attention should be called to the method used for expressing the re- 
sults of mineral analysis. It is customary to express the amount of each 
metal as its oxide, usually the higher one, and the amount of each anion 
as the anhydride of its most common acid. Thus, calcium is given in 
terms of percentage of CaO, and phosphorus as percentage of P2O5. 
Sulfur may be expressed either as percentage of S or of SO3 ; often both 
sulfide and sulfate sulfur are separately determined. If the mineral is 
one which does not contain oxygen, this method is not followed, as for 
example in the analysis of iron pyrites FeS-> . The fact that the amount 
of a constituent is given as the oxide docs not imply a determination of 
oxygen. Rather, the constituent is determined in the customary man- 
ner, and the amount present is calculated as if it were the oxide. The 
reason for this convention is probably based on the customs in vogue in 
the early days of analytical chemistry, when all formulas were written 
in dualistic style. 1 Today the usage persists because this is the most 
convenient method for including the oxygen content of a mineral in 
reporting an analysis. Furthermore, it is often impossible to assign a 

1 For example, sodium sulfate was denoted by the formula NajO'SOs. 
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definite chemical formula as the result of an analysis, and an attempt to 
do so might prove misleading. For example, if a mixture contains cal- 
cium, magnesium, silicon, and carbonate, the analyst cannot state 
which portion of the calcium is present as carbonate and which portion 
as silicate. 

In the exact analysis of a limestone a determination is made for each 
constituent thought to be present; but, for many purposes, and in par- 
ticular for the commercial analysis of limestones, a condensed or “proxi- 
mate” analysis is made. In a proximate analysis the determinations are : 

Loss on ignition. 

Impure silica. 

Combined oxides (Fe2C>3, AI2O3, Ti02, Mn 3 C>4, and P2O5). 

Calcium oxide. 

Magnesium oxide. 

All the constituents of the sample except sodium, potassium, chlorine, 
and sulfur are determined at some stage of the proximate analysis. The 
summation of the weights found in this analysis should therefore total 
the weight of sample used, except for the small amounts of the substances 
mentioned which escape detection. The term, proximate analysis, does 
not, therefore, indicate approximate accuracy but refers to the number 
of constituents measured. In the following procedures directions are 
given for a proximate analysis and also for the determination of the 
more important constituents which are not determined by this method. 
As previously mentioned, many of the methods used in limestone anal- 
ysis are applicable to other minerals. 

Preparation and Drying of Sample. The selection of a mineral 
sample depends on the purpose for which the analysis is made. If a 
single rock is to be analyzed, chips may be broken from various portions, 
and these may be combined to furnish a composite sample. If a com- 
mercial analysis is needed, as from a quarry, it is necessary to take 
samples systematically over a large area and to combine these by quar- 
tering, according to the di rections on page 6 1. After a sample has been 
selected, it is crushed or ground until the particles are of a size suitable 
for dissolving. Since the heat generated by abrasion in grinding may 
alter the composition of some minerals, it is usually preferable to crush 
the sample by striking it with a hardened-steel hammer. 2 Ilillebrand 
recommends that, if grinding is necessary, the sample be covered by 
some non-oxidizing liquid, such as absolute alcohol. Because of their 
hardness, agate mortars are commonly used for grinding. After crush- 

2 See Fig. 10, page 63. 
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ing or grinding the entire sample should be passed through a sieve of 
proper size, for, if only part of the sample is finely ground, there may be 
segregation of the harder portions. A sieve of 30-40 meshes to the linear 
centimeter is fine enough to give a readily soluble sample of most lime- 
stone rocks, although certain minerals require grinding to a powder 
which will pass a finer sieve. In very exact analyses the use of metal 
sieves is questionable, since the sample may abrade metal from the 
sieve; silk bolting cloth is substituted. Student samples of limestone 
have usually been ground in a ball mill before they are issued, in order 
to insure uniformity of composition, and usually they need no further 
grinding. '’~ 1 

The type of drying employed depends on the purpose of the analysis. 
Most commercial analyses are made on samples which have been dried 
at 110°C; this plan is conventional for student samples. Care should 
be taken to prevent readsorption of moisture while dried samples are 
being weighed. The sample should be weighed only in a stoppered con- 
tainer, and a spoon should be used for withdrawal of the portions for 
analysis, so that the weighing bottle need not be kept open for any 
extended time. 

Loss on Ignition. When limestones are ignited at high tempera^ 
tures, all the combined carbon dioxide and water are expelled, and 
organic matter is oxidized. In addition, there are minor changes due to 
oxidation of sulfides and of ferrous salts, decomposition of sulfates, and 
volatilization of potassium chloride. Since the greater part of the loss 
on ignition is due to escape of carbon dioxide, the loss in weight is usually 
the only determination made for the carbon dioxide content of the 
sample. A more exact method for determination of carbon dioxide is 
given in a later section. 

The readiness with which carbon dioxide is expelled depends on the 
composition of the sample. Magnesium carbonate is decomposed at 
quite low temperatures. If a sample containing magnesium carbonate 
is rapidly heated to a high temperature, the gas may be evolved so vig- 
orously as to carry away solid particles. Calcium carbonate requires 
somewhat higher temperatures for complete decomposition. If ignition 
is completed at a temperature above 900°C, all carbon dioxide is driven 
off. 

In addition t,n expelling carbon dioxide, ignition plays an important 
role in the subsequent analysis. Many silicates which originally cannot 
be decomposed by acids are converted by ignition into calcium and mag- 
nesium salts by reaction with the oxides of these elements. These salts 
are then readily decomposed by treatment with dilute hydrochloric acid. 
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The reactions which take place may be represented by the following 
equations (Si0 2 is used as illustration) : 

CaC0 3 = CaO + C0 2 
Si0 2 + CaO = CaSi0 3 

Solution of Sample and Determination of Silica. When decom- 
posable silicates are treated with dilute acids, the reaction may be repre- 
sented by the equation, 

CaSi0 3 + 2H+ + yH 2 0 = Ca ++ + Si0 2 -(y + 1)H 2 0 

The hydrated silicon dioxide, or silicic acid, is in the form of a dispersed 
gel. When the solution is evaporated, some of the water is driven off 
from the gel, and insoluble silicon dioxide, still somewhat hydrated, re- 
mains as a residue. When this residue is treated with water or dilute 
acids, a portion of the gel again passes into a dispersed condition. The 
tendency towards dispersion may be decreased by dehydrating the silica 
after evaporation. Ordinarily dehydration consists in heating the resi- 
due for a time at a temperature of 100T40°C. Higher temperatures 
may be employed, giving still better dehydration, but their use is not 
advantageous because at elevated temperature there is hydrolysis of 
hydrated iron salts to a basic substance which is not readily soluble in 
acids. More than one evaporation and dehydration, without an inter- 
vening filtration, does not decrease the amount of silica which passes 
into suspension. If, however, after the first evaporation and dehydra- 
tion, the residue is extracted with acids (in order to dissolve soluble 
salts), the insoluble portion separated by filtration, and the solution 
again evaporated and dehydrated, most of the remaining silica is now 
recovered in an insoluble form. This is the procedure followed in anal- 
ysis. In the insoluble form left after dehydration at 100-140°C, silicon 
dioxide still retains a large amount of water. This water is removed by 
high-temperature ignition, after which the sample is weighed as anhy- 
drous silicon dioxide. 

Even after two dehydrations, there is still a small amount of silica 
left in solution, but the error due to this is largely compensated by the 
amount of iron and aluminum oxides which contaminate the silica pre- 
cipitate. In very exact analyses it is necessary to recover the silica 
which was left in solution by separating it from the precipitate of com- 
bined oxides obtained in the next operation. If this is done, it is also 
necessary to recover the impurities in the silica precipitate by treating 
the precipitate with hydrofluoric and sulfuric acids, evaporating the 
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solution to dryness, reigniting to decompose the residual sulfates, and 
weighing the residue. During this treatment silica is volatilized by 
formation of silicon tetrafluoride, 

Si0 2 + 2H 2 F 2 = SiF 4 + 2H 2 0 

The loss of weight represents the amount of pure silica present. 

Not all silicates, even in dolomitic limestones, are decomposed by acid 
treatment. In general, it may be said that silicates in which the percent- 
age of basic constituents (such as CaO and MgO) are high will be de- 
composed by an acid treatment which is preceded by a high-temperature 
ignition, whereas silicates which contain a high percentage of acidic 
constituents will not be decomposed by the acid treatment. Such sili- 
cates may be made soluble in acids by fusion with a basic flux; sodium 
carbonate is usually employed. The reaction which takes place is given 
by the equation (for Si0 2 ), 

Si0 2 “t" Na 2 C0 3 = Na 2 Si0 3 -f- C0 2 

If a large portion of the sample is not decomposed by acid treatment, it 
is advisable to fuse the original sample with sodium carbonate, but, if 
most of the sample is dissolved in acid, the fusion is conveniently made 
on the residue left after a preliminary acid treatment. This has the 
advantage that only a small amount of sodium carbonate is needed, 
and the amount of sodium salts in the solutions to be analyzed is kept 
at a minimum. 

Combined Oxides. After a limestone sample is dissolved and the 
silica removed, the solution is treated with ammonium hydroxide. The 
precipitate formed consists of the hydrous oxides of iron, aluminum, 
and titanium (and of similar substances which may occasionally be 
present), along with the remaining silica in solution, phosphorus, and 
part of the manganese. If the manganese is first oxidized by treatment 
with ammonium persulfate or bromine, it is completely precipitated as 
hydrated Mn 2 0 3 at this point, but otherwise a large portion remains in 
solution and is later precipitated with calcium or magnesium. 

Because of the great tendency of the hydrous oxides to occlude other 
substances, it is necessary to employ a double precipitation in order to 
prevent loss of calcium and magnesium. There is also danger of precipi- 
tating calcium carbonate because of the presence of carbonate ion in the 
ammonium hydroxide solution used for precipitation of the combined 
oxides and because of the action of carbon dioxide of the air. This error, 
too, is minimized by a double precipitation. 
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In the procedure previously given for the determination of iron it was 
necessary only to add ammonium hydroxide in excess, boil the solution 
until the precipitate coagulated, and filter. More care is necessary in 
the present procedure. Aluminum hydroxide is somewhat amphoteric, 
and its solubility is increased in solutions of high pH value. Because of 
this, an excess of ammonia is avoided. The presence of ammonium salts 
is necessary, since they, by repressing the ionization of ammonium hy- 
droxide, prevent the precipitation of magnesium hydroxide. These salts 
also aid in reducing the solubility of aluminum hydroxide. The presence 
of large amounts of phosphate may lead to error at this point, since, if 
the amount of phosphorus is more than that needed to combine with all 
the iron and aluminum present, there will be precipitation of calcium 
phosphate when the solution is made basic. No trouble from this source 
is encountered in a limestone analysis, since the phosphate content is 
low. 

The precipitate of hydrous oxides is filtered, washed, and ignited, just 
as in the previous determination of iron. In a proximate analysis only 
the percentage of combined oxides, designated as R 2 O 3 , is reported. In 
an exact analysis the precipitate must be dissolved and the amount of 
each constituent determined. In the exact analysis, iron is determined 
by permanganate titration, titanium is determined colorimetrically, and 
the amount of aluminum is calculated by difference. Any silica present 
is left as a residue when the sample is dissolved. Solution of ignited 
oxides of iron and aluminum in acids proceeds with difficulty. For that 
reason the ignited precipitate is fused with potassium acid sulfate, 
KHSO4, whereby the ignited oxides are converted into the readily 
soluble sulfates. 

Calcium. After removal of the combined oxides, the solution con- 
tains only calcium, magnesium, sodium, potassium, and chloride ions. 
If fusion has been employed for solution of the sample, the amount of 
sodium is large; otherwise it is small. Magnesium is seldom present in 
greater concentration than calcium. Calcium may be precipitated from 
magnesium and the alkalies as the oxalate CaC 2 04 • H 2 0, which is spar- 
ingly soluble in water but is practically insoluble in solutions containing 
oxalate ion. Two precipitations are necessary in order to obtain a moder- 
ately pure product, since occlusion of sodium, potassium, and magnesium 
oxalates occurs to a very large extent. After the second precipitation 
there is still some magnesium oxalate in the precipitate, but the error 
caused by this coprecipitation is largely compensated by the small 
amount of calcium which remains in solution and is later precipitated 
with magnesium. 
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The second ionization constant of oxalic acid is about the same as 
the constant for acetic acid, and consequently precipitates of calcium 
oxalate are soluble in strong acids. The oxalate may, however, be pre- 
cipitated from slightly acid or neutral solutions. In limestone analyses 
a calcium precipitate of highest purity is obtained by adding ammonium 
oxalate reagent to a hot acidified solution of the sample and slowly 
neutralizing the acid with ammonium hydroxide. The greater portion 
of the precipitate forms while the solution is still slightly acid, with the 
result that large easily filterable crystals are obtained. In the analysis 
of calcium from solutions which contain much phosphate, it is often 
necessary to precipitate from buffered acetic acid solutions in order to 
prevent precipitation of calcium phosphate or of magnesium ammonium 
phosphate. If an excess of oxalate is added, a fairly complete precipita- 
tion may be achieved, even at a pH of 4-5. 

Coprecipitation of the oxalates of sodium, potassium, and magnesium 
is very pronounced with calcium oxalate precipitates. Magnesium 
causes the greatest difficulty because magnesium oxalate is itself of 
limited solubility. Fortunately, however, magnesium forms complex 
salts with oxalate ion; moreover, magnesium oxalate readily forms quite 
stable supersaturated solutions. These two effects aid in keeping mag- 
nesium in solution during the precipitation of calcium. In the presence 
of magnesium it is necessary to employ a very large excess of oxalate, 
since part of the oxalate ion is removed from solution by reaction with 
magnesium. It is undesirable to allow the digestion period for the cal- 
cium precipitate to be longer than an hour, since long standing may 
bring about a postprecipitation of magnesium oxalate. 

Several methods have been proposed for the ignition and weighing of 
calcium oxalate precipitates. The monohydrate itself is fairly stable at 
100°C, and the precipitate is sometimes weighed in this form. At igni- 
tion temperatures of 450°-550°C there is complete conversion of the 
oxalate to carbonate; weighing in this form has been widely recom- 
mended. It is necessary, however, to control the temperature of igni- 
tion carefully because at still higher temperatures there is decomposi- 
tion of the carbonate into the oxide. Despite the facts that complete 
conversion to the oxide requires a high temperature, and that the ig- 
nited oxide is very hygroscopic, complete ignition to the oxide is recom- 
mended if platinum crucibles are available, because there is no danger of 
overignition, and hence the analyst can be assured of correct results 
when the ignited precipitate is at constant weight. Another proposed 
method is weighing as the sulfate, after converting the precipitate to 
this form by treatment with sulfuric acid. This method is not desirable 
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for student use because of the difficulty involved in removal of excess 
sulfuric acid, and because of the possibility of incomplete conversion. 
A volumetric method has previously been mentioned; in Chapter 12. 
The well-washed precipitate of calcium oxalate is dissolved in sulfuric 
acid, and the oxalate is determined by titration with standard perman- 
ganate solution. This is the recommended procedure when platinum 
crucibles are not available. 

Magnesium. After removal of all other metals except the alkalies, 
magnesium is precipitated as magnesium ammonium phosphate, and is 
weighed as the hexahydrate of this salt, or is ignited to the pyrophos- 
phate. The properties of magnesium ammonium phosphate are dis- 
cussed in Chapter 21. The precipitate is formed by slow neutralization 
of an acid solution which contains magnesium, ammonium, and ortho- 
phosphate ions. Two precipitations are needed to free the product of 
occluded salts of the alkalies if fusion has been employed. Oxalates 
prevent complete precipitation of magnesium, if present in large con- 
centration, and they are destroyed, together with ammonium salts, prior 
to the first precipitation. This is accomplished by evaporation of the 
solution, which contains large amounts of chloride ion, with nitric acid. 
Under the action of nitrate and chloride ions, ammonium salts are oxi- 
dized to gaseous nitrogen, or to nitrous oxide, and oxalates are oxidized 
to carbon dioxide. The various methods for ignition and weighing of 
the precipitate are discussed in Chapter 21. 

Magnesium can also be determined by precipitation with 8-hydroxy- 
quinoline and weighed as Mg(C 9 H60N) 2 (see page 403). The analysis 
can be completed volumetrically by the solution of the precipitate in 
acid, treatment with an excess of standard KBr 03 solution, followed by 
back titration with Na 2 S 2 0 3 solution (see page 261). 

Sodium and Potassium. Because of the small quantities present 
in limestones and the possibility of introduction of these elements dur- 
ing the preceding stages of the analysis, it is customary to determine the 
alkalies, sodium, and potassium, in an original sample, rather than in 
the sample from which other constituents have been removed. The 
method of J. Lawrence Smith is used to decompose silicates and to pre- 
pare a solution free of other metals. In this method the sample is 
strongly heated with a mixture of calcium carbonate and ammonium 
chloride, in a special platinum crucible. When the sintered mass is 
digested with water, there is obtained a solution of the alkali chlorides, 
together with calcium and a little magnesium. Other metals are for the 
most part left as insoluble oxides. The reactions in the decomposition 
of the mineral are complex, but proceed approximately as indicated in 
the following equations: 
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CaC0 3 = CaO + C0 2 
CaO + 2NH 4 C1 = CaCl 2 + 2NH 3 + H 2 0 
2KAlSi 3 0 8 + CaCl 2 + 6CaC0 3 = GCaSi0 3 + Ca(A10 2 ) 2 + 2KC1 

+ 6C0 2 

After the residue is leached, the resulting solution is treated with am- 
monium carbonate and ammonium hydroxide in order to remove cal- 
cium. If the mineral contains sulfate, this will be in the solution and is 
removed by the addition of barium chloride prior to the carbonate treat- 
ment. The excess of barium ion introduced into this solution is precipi- 
tated as carbonate with the calcium. The precipitate of calcium car- 
bonate is removed by filtration, the solution is evaporated to dryness, 
ammonium salts are removed by treatment with nitric and hydrochloric 
acids, and the residue is weighed, as mixed sodium and potassium chlo- 
rides. Other alkalies, if present in the sample, would also be in the 
mixed chloride residue, but in limestone their presence may generally 
be ignored. 

The mixed chlorides are analyzed by either the chloroplatinate or 
perchlorate method, the latter being the more widely used because it 
requires less expensive reagents. In the chloroplatinate method, potas- 
sium (with rubidium and cesium) is precipitated as potassium chloro- 
platinate from an 80 per cent ethyl alcohol solution. The precipitate is 
dried at 135°C, and weighed as K 2 PtClo. From the weight of precipi- 
tate the weight of potassium chloride is calculated. Subtraction of this 
weight from the weight of mixed chlorides gives the weight of sodium 
chloride (in the absence of lithium, which, if present, remains with the 
sodium). In the perchloric acid method, the mixed chlorides are treated 
with perchloric acid and the solution evaporated to dryness, thereby 
converting the metals to the perchlorate salts. Sodium perchlorate is 
then extracted with a mixture of n-butyl alcohol and ethyl acetate, and 
the residue, potassium perchlorate, is dried and weighed. Sodium may 
be determined by difference, or it may be precipitated as chloride from 
the extract and weighed. Lithium, if present, is extracted along with 
the sodium, while rubidium and cesium perchlorates are left with potas- 
sium perchlorate. 

Laboratory procedures for the J. Lawrence Smith method are not 
given in this book because the necessary equipment and purified reagents 
are not generally available in the school laboratory. For detailed direc- 
tions advanced reference books should be consulted. 
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Accuracy of the Analysis. When the proximate analysis is com- 
pleted, a total of the individual percentage figures should be compiled 
for each sample analyzed. In the absence of appreciable amounts of 
sodium and potassium the total should be near 100 per cent. The ac- 
curacy of the analysis is often indicated by the agreement with this 
figure. If mistakes have occurred, there will be lack of agreement in 
the duplicate values for the various determinations and in the totals for 
the duplicate samples. It is possible, however, to obtain analyses whose 
total is near 100 per cent and whose individual determinations show good 
agreement in duplicate results, but which are still considerably in error. 

TABLE 35 t, 

Results of Cooperative Analysis of Limestone 



Probable 

Extreme 

Average Deviation 


Value , 

Results , 

from . Probable 

Constituent 

Per Cent 

Per Cent 

Value , Per Cent 

Si0 2 

18.15 

17.6 -18.92 

C.41 

AI 2 O 3 

5.70 

5.10- 7.35 

0.73 

Fe203 

1.72 

0.82- 2.70 

0.32 

CaO (SrO) 

37.65 

36.02-39.83 

0.57 

MgO 

1 .94 

1.31- 3.04 

0.24 


Such a result indicates that careful work has been done but shows the 
presence of a systematic error. For example, in a certain student sam- 
ple which was repeatedly analyzed, both with and without fusion with 
sodium carbonate, the results for silica varied from 9.99 per cent in the 
fused sample to 11.56 per cent in the non-fused sample. In all analyses 
the checks obtained were good, and the total was near 100 per cent. In 
those analyses which showed a high result for silica, the amount of R2O3 
and CaO was low; conversely, the samples which gave low results for 
silica gave high results for R 2 0 3 and CaO. It is obvious that in this case 
the low silica result is the correct one and that the use of a faulty method 
of analysis led to wrong results in the samples which were not fused. 

The difficulties inherent in a good mineral analysis are well illustrated 
by the results quoted in Table 35, which is compiled from a number of 
cooperative analyses on a limestone sample. These analyses were con- 
ducted under the auspices of the American Chemical Society com- 
mittee on uniformity in technical analysis. 3 The extreme results in 
this table are far from the most probable values, and for several con- 
stituents the stverage value for many determinations is considerably in 
erro% Thus, the average deviation for AI2O3 is 0.73 per cent in a total 
of omy 5.70 per cent. This is 73 parts per 570 in error. 

»/. Am. Chem. Soc. y 28, 223 (1906). 
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PART II. PROCEDURES FOR PROXIMATE ANALYSIS OF 
DOLOMITIC LIMESTONE 

If platinum crucibles are available they should be used for the deter- 
mination of loss on ignition and for the ignition of the calcium oxalate 
precipitate. Either platinum or porcelain crucibles may be used for 
the ignition of silica and of mixed oxides. The ignition of the magnesium 
ammonium phosphate precipitate should be done only in porcelain 
crucibles (or by the optional methods listed in Chapter 21). If platinum 
crucibles are not available, all the ignitions except that of calcium 
oxalate may be done with porcelain or silica crucibles; calcium is in this 
event determined volumetrically. Meker burners may, if available, be 
substituted for the blast lamp, particularly if platinum crucibles are 
used. The use of a muffle furnace is recommended for all ignitions if 
.one is available which will give a sufficiently high temperature. 


Loss on Ignition 

Procedure. Read page 329, regarding constancy of weight of ignited 
platinum crucibles. Clean two crucibles, ignite for 5 minutes at the 
highest temperature of the blast lamp (use silica triangles), allow to 
cool until no redness is visible, and transfer to a desiccator. Cool the 
crucibles for 15 minutes (note 1), and weigh accurately. Reignite for a 
5-minute period, cool, and reweigh. 

If the sample has gritty particles, which can be felt by rubbing a 
pinch of the powder between the fingers, grind thoroughly in an agate 
mortar (usually not required for student samples). Grind only a small 
portion at a time, then regrind in larger portions to assure complete 
mixing. Dry the well-ground sample overnight at 110-140°C, and store 
in a glass-stoppered weighing bottle which is fitted with a weighing 
spoon. Weigh out samples of 0. 5-0.8 g (note 2), and transfer to crucibles 
which have previously been ignited and weighed. Cover the crucible 
and heat over a Tirrill burner, gradually increasing the size of the flame 
over a period of 5-10 minutes (note 3) until the bottom of the crucible 
is a dull red. Transfer to the blast lamp, and heat for 10 minutes at 
the highest temperature obtainable (note 4), directing the flame against 
the bottom and one side of the crucible, which is upright in its silica 
triangle. Cool, weigh, and reheat (note 5) for 10-minute periods until 
the weight is constant, or until the rate of change is approximately the 
rate at which the crucible loses weight. Compute the loss on ignition, 
(note 6), and calculate the percentage loss. Duplicate results should 
agree within 0.2 per cent. 

Notes. 1. Since many of the precipitates in the analysis are very hygroscopic, 
it is important to observe the following precautions: 
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(a) Always cool ignited crucibles for the same length of time, with the desiccator 
in a cool place. This length of time should be the minimum time required to bring 
the crucible to room temperature, since, after removal of the cover, the atmosphere 
in a desiccator is for some time of practically the same humidity as the external 
atmosphere. 

(b) Keep the crucible covered during the process of cooling and weighing. 

(c) Make all weighings in as short a time as possible. On the second and subse- 
quent weighings place the proper weights on the balance pan before the crucible is 
removed from the desiccator. After the crucible is on the balance pan, only one or 
two sets of swings should be needed in order to compute the exact weight. 

2. The weight of sample used is governed by the amount of magnesium. Since 
this is often present in amounts as high as 20 per cent of MgO, it is not desirable to 
employ a sample larger than 0.5 g unless the approximate composition is known. 
In no case should the amount of magnesium greatly exceed 0.1 g of MgO. Use of 
small samples increases the relative error in the determination of the minor constit- 
uents (silicon and combined oxides) but nevertheless permits sufficient accuracy for 
these. 

3. Heat should be gradually applied, in order to prevent too rapid decomposition 
of magnesium carbonate. If this occurs, there is danger of loss of sample; particles 
of magnesium oxide may be carried away by the escaping gas. 

4. If this is the first time the blast lamp is used, ask an assistant to inspect the 
adjustment. A properly adjusted lamp will bring a platinum crucible nearly to white 
heat, or at least to a bright-yellow color. 

5. Two or three periods of heating should be sufficient to expel carbon dioxide 
completely. If constant weight is not obtained on the third heating, crush the sample, 
as directed for calcium oxide on page 426, and reignite until the weight is constant. 
It often happens that the sample sinters into a lump which encloses undecomposed 
particles, thereby preventing complete decomposition. 

6. It sometimes happens that attainment of constant weight requires such a long 
time that the student is in doubt as to the final weight of the crucible after the pro- 
longed ignition. It is advisable to re weigh the crucible after the sample has been 
removed, and to use this weight as the final weight of the crucible, in order to obtain 
the corrected weight of sample after ignition. After removal of the sample it is neces- 
sary to heat only to redness (for removal of surface moisture) before weighing the 
empty crucible. 


Silica 

It is assumed that the sample does not require sodium carbonate fusion. 

If fusion is needed, the instructor will supply supplementary directions. 

Procedure. Put about 10 ml of water (note 1) into a 400-ml beaker, 
and transfer the sample from the crucible to the beaker, taking care to 
prevent any loss. If any particles adhere to the crucible lid, brush them 
into the beaker. Remove adhering particles from the crucible by adding 
to it 1 ml hydrochloric acid (1:1), heating gently for a short time, and 
washing the solution into the beaker. Rinse the crucible thoroughly, 
while holding it over the beaker. Add to the beaker 15 ml hydrochloric 
acid, cover with a watch glass, and allow it to stand on the steam bath 
until the sample has completely disintegrated. The process may be 
hastened by breaking up the sintered mass of sample with a blunt stir- 
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ring rod, which is left in the solution until the final filtration. When the 
sample has completely disintegrated, rinse off the watch-glass cover, 
rinse down the sides of the beaker, and evaporate the solution to dry- 
ness on a steam bath. During the evaporation the beaker should be 
covered by a watch glass resting on bent glass hooks which hang on the 
rim of the beaker. When the residue is dry, allow it to cool, drench 
with 10 ml hydrochloric acid (note 2), digest on the steam bath for a 
short time, then add 20 ml water, and bring the solution to a boil. De- 
cant the solution through a small ashless filter paper. Add to the resi- 
due in the beaker 20 ml dilute hydrochloric acid (1:9), and boil for 
5 minutes. Filter, this time transferring the residue to the paper. 
Wash with dilute hydrochloric acid (1:100) ten times. Fold the filter 
paper, and reserve for ignition. 

Evaporate the filtrate and washings to dryness on the steam bath. 
When no fumes of acid can be detected above the hot beaker, heat the 
residue for 1 hour at 120-140°C on an asbestos pad on a hot plate 
(note 3). Cool, drench with hydrochloric acid, digest, dilute, and filter 
(note 4), as previously directed. Catch the filtrate and washings in a 
400- to 600-ml beaker, and reserve for the following determination. 
Place both filter papers in a previously ignited and weighed platinum 
or porcelain crucible, and ignite, completing this process by 10 minutes’ 
heating with a blast lamp. Allow a plentiful access of air while smoking 
off and burning the paper. Otherwise a carbide of silicon is formed. 
Weigh, and reignite with a blast lamp until constant weight is obtained. 
Report the percentage of impure silica in the sample. Duplicate results 
should agree within 0.2 per cent. 

Notes. 1. Too vigorous reaction may result if the ignited sample, which contains 
a large amount of calcium oxide, is added directly to an acid solution. 

2. The sample is first drenched with concentrated acid since the salts of iron and 
aluminum present are more easily brought into solution in concentrated than in 
dilute acid. 

3. The temperature used for baking the residue should not exceed 140 °C, because 
at higher temperatures the oxides of iron present are rendered insoluble and are not 
redissolved during the digestion period. It is also claimed that, in the presence of 
magnesium, silica is rendered somewhat soluble by baking at elevated temperatures. 

4. A fresh filter paper is used for the second filtration. If the original paper were 
used, some of the first residue might redissolve (disperse). A very small paper may 
be used for the second filtration, since the amount of silica obtained never exceeds 
a few milligrams. 

Errors. 1. Incomplete disintegration of the sample. 

2. Incomplete removal of iron and aluminum oxides from the silica. 
The error from this source is largely compensated by the amount of 
silica which passes into solution. 

3. Introduction of silica from some reagent. 
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4. The presence of sodium chloride in the silica precipitate. It is 
essential that the solution obtained after the first dehydration following 
fusion be digested for some time before filtration so that all the sodium 
chloride is dissolved. 

Decomposition of Silicate Rocks. When the amount of silica is 
very large, as in silicate rocks, it is necessary to fuse the original sample 
rather than first to decompose with acid. Weigh out on a watch glass a 
4-g sample of anhydrous sodium carbonate, and put about 2 g of this 
into the platinum crucible which is to be used for the fusion. Accurately 
weigh a finely ground rock sample of 0.5-1 .0 g, and transfer it to the 
crucible. Mix well by stirring with a glass rod, and then clean the rod 
by rubbing it in the unmixed sodium carbonate. Transfer the remain- 
der of the sodium carbonate to the crucible, brushing the particles from 
the watch glass with a camel’s-hair brush. Cover the crucible, place it 
vertically in a triangle, and heat, very gently at first, with a Tirrill 
burner. Increase the heat over a period of 5-10 minutes until the bot- 
tom of the crucible is a dull red. Lift the cover with platinum forceps, 
and examine the contents. If the flux is not melted, raise the tempera- 
ture until the entire mass is liquid. Hold at this temperature for 30 
minutes, and then heat with a Meker burner for 10 minutes. Remove 
the burner, and allow the crucible to cool; as it cools, hold the crucible 
in platinum-tipped forceps, and slowly swirl the contents so that the 
melt solidifies in a thin layer which is spread about the inside of the 
crucible. Take care to avoid dipping the forceps into the melt during 
this process. When the melt has solidified, allow the crucible to cool 
completely, add water to fill it approximately one third full, and cau- 
tiously heat from one side with a small flame. Do not allow the water 
to boil. The flame should strike the crucible above the water level. If 
the melt does not loosen after a few minutes’ heating, carefully pour the 
water into a 400-ml beaker, and rinse the outside of the crucible care- 
fully, catching all rinsings in the beaker. Replace the crucible in the 
triangle, and again add water and heat. If two treatments of this kind 
do not cause the melt to loosen, place the crucible on its side in the 
beaker, add sufficient water to give a depth of 1 cm, cover the beaker, 
and boil the solution until the melt has disintegrated. 

If the melt is loosened by the first treatment, pour it into a 400-ml 
beaker, rinse the crucible thoroughly, both inside and out, add 1 ml of 
hydrochloric acid (1:1), heat for a moment, and rinse the solution into 
the beaker. If it was necessary to place the crucible in the beaker, re- 
move the crucible with platinum-tipped forceps after the melt has dis- 
integrated, and rinse thoroughly with a stream of water, catching all 
rinsings in the beaker. Clean the crucible cover in the same manner. 
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After the melt is completely transferred to the beaker, cover the 
beaker with a watch glass, and add from a pipet 20 ml. of hydrochloric 
acid, ru nnin g the acid down the side of the beaker at the lip while keep- 
ing the beaker well covered. Heat on a steam bath until the evolution 
of carbon dioxide has ceased, then proceed as in the previous directions 
with evaporation, dehydration, and so on. 


Combined Oxides 

Procedure. Prepare a quantity of distilled ammonium hydroxide as 
follows (several students may cooperate in the preparation of this solu- 

TABLE 36 

Density and Composition of Aqueous Ammonium Hydroxide Solutions 


Density 

Per Cent NH 3 
by Weight 

0.960 

10 

0.953 

12 

0.946 

14 

0.939 

16 

0.933 

18 

0.926 

20 

0.920 

22 

0.914 

24 

0.908 

26 


tion) : Set up a 500-ml distilling flask and condenser in the usual manner. 
The lower end of the condenser is attached to a bent adapter. The re- 
ceiving vessel is an Erlenmeyer flask which is surrounded by a bath of 
ice water. Fifty milliliters of water is placed in this flask, which is so 
arranged that the tip of the adapter reaches just below the surface of the 
water. Place in the distilling flask 200-300 ml ammonium hydroxide, 
add a little barium or calcium oxide, and distil over approximately three 
fourths of the solution. The distillate may be preserved for several days 
in a stoppered Pyrex flask without its taking up appreciable amounts of 
carbon dioxide or silica. With a hydrometer (obtained from the store 
room) determine the density of the distillate, and calculate its composi- 
tion with the aid of Table 36. Dilute with boiled water to make solu- 
tions of the desired strength. 

Dilute the filtrate from the silica determination to 200 ml, and add 
sufficient hydrochloric acid to make its concentration 1—1.5 M (note 1), 
taking into account the amount of acid used in digestion and filtration 
after the second dehydration of silica. Add a few drops of methyl red 
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indicator, heat the solution to boiling, and neutralize with about 6 N 
distilled ammonium hydroxide (note 2). Boil 1-3 minutes, allow the 
precipitate to settle, and decant the solution through a rapid ashless 
filter paper (Whatman no. 41). Wash by decantation three times with 
20-ml portions of hot ammonium chloride solution (2 g per 100 ml). 
Bring each portion to a boil before filtering. Reserve the combined fil- 
trate and washings for the next determination. Carefully remove the 
filter paper from the funnel, taking care that no precipitate is lost, and 
place it (note 3) in the beaker which contains the bulk of precipitate. 
Add to the beaker 30 ml of hot 3 N hydrochloric acid, and break up the 
paper with a stirring rod. When all the precipitate is dissolved, dilute 
to 100 ml, bring the solution to a boil, and precipitate as before. Filter 
through an ashless paper, catching the filtrate in the beaker which holds 
the first filtrate, and taking care to keep most of the precipitate in the 
beaker. Wash twice by decantation with hot ammonium chloride solu- 
tion, transfer the precipitate to the filter paper, and wash thoroughly 
with hot ammonium chloride solution. Make the combined filtrates 
and washings slightly acidic with hydrochloric acid, and place the solu- 
tion on the steam bath for evaporation. Drain the paper, fold, transfer 
to a crucible, and ignite, finally bringing to constant weight by heating 
for 5-10-minute periods with a blast lamp. Report the percentage of 
mixed oxides, R2O3, in the sample. Duplicate results should agree 
within 0.2 per cent. 

Notes. 1. Sufficient acid should be present to yield on neutralization a concen- 
tration of ammonium salts high enough to prevent precipitation of magnesium 
hydroxide. 

2. If the precipitate is so voluminous that the indicator end point cannot be seen, 
add ammonia until it can be detected by the odor in the steam above the solution, 
and then boil until the odor of the ammonia is very faint. To make this test blow 
away the steam before smelling of the vapor. It is essential that the final concentra- 
tion of ammonia be very small, in order to prevent loss of aluminum. 

It is customary to oxidize manganese at this point, in order that it may precipitate 
with the mixed oxides, but the oxidation prevents the use of methyl red indicator, 
which is destroyed by excess of oxidizing agent. Usually the amount of manganese 
in student samples can be neglected. If a small amount is present, it will precipitate 
in part with the calcium and the remainder with magnesium. If it is thought to be 
present in significant amounts (consult instructor), treat the first filtrate, while still 
alkaline, with a little ammonium sulfide reagent, filter out the precipitate of man- 
ganous sulfide, and determine the amount by ignition to the oxide. An alternative 
method is to precipitate the manganese with the mixed oxides by adding to the 
solution which is made slightly alkaline with ammonia 1 g ammonium persulfate, 
boiling for a few minutes, then adding ammonium hydroxide until the solution is 
just alkaline to litmus paper. 

3. The precipitate may be dissolved by pouring acid through the filter paper, buf 
since the presence of macerated filter paper is advantageous in the final precipitation 
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the entire paper is added to the acid solution. The paper readily disintegrates to 
give a suspension of filter pulp. 

Errors. 1. Salts of calcium and magnesium may be occluded in the 
precipitate of hydrous oxides. A double precipitation largely eliminates 
this error. 

2. Calcium carbonate will precipitate if there is carbonate ion in the 
solution. Use only distilled ammonia, and do not allow the alkaline so- 
lution to stand in the presence of air. 

3. Precipitation of aluminum may be incomplete if much excess 
ammonium hydroxide is used. 

4. Magnesium hydroxide may precipitate if insufficient ammonium 
salts are present. 

5. Any silica remaining in the solution is dragged down by the pre- 
cipitate of hydrous oxides. 

6. Incomplete ignition may cause the weight of precipitate to be too 
great. Aluminum hydroxide in particular requires a very high tempera- 
ture for complete dehydration. 

7. Iron oxide may be reduced by filter paper during the ignition. 
There should be a plentiful access of air during the early stages of igni- 
tion. Keep reducing gases from entering the crucible. 

8. If phosphates are present in large amounts, calcium phosphate will 
precipitate from the ammoniacal solution. 


Calcium 

Evaporate the (acidified) combined filtrate and washings from the 
mixed oxide determination to 250 ml (note 1), add a few drops of methyl 
red indicator, bring the solution to a boil, and add 1 to 1.5 g oxalic acid 
or ammonium oxalate (dissolved in a little water). Add filtered or dis- 
tilled 3 N ammonium hydroxide from a pipet, while continuing to boil 
the solution, until a precipitate of calcium oxalate begins to form. Com- 
plete the neutralization (note 2) over a period of 10 minutes by slowly 
adding ammonium hydroxide from a buret which is mounted above the 
beaker. The beaker is placed on a ring stand so that it may be constantly 
heated. Mechanical stirring is advisable if the facilities are available. 
When the indicator has just turned color, allow the precipitate to settle, 
and test for complete precipitation by adding a little ammonium oxalate 
solution. If no further precipitate forms, allow the solution to stand 
(note 3) for 1 hour. Filter, keeping the precipitate in the beaker as far 
as possible (note 4). Wash twice by decantation with ammonium 
oxalate solution (note 5). Acidify the filtrate and washings, and place 
on the steam bath for evaporation. 
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Place the beaker with the bulk of precipitate beneath the funnel, and 
dissolve the precipitate in 50 ml 2-3 N hot hydrochloric acid solution. 
Pour the acid solution through the paper, in order to dissolve any par- 
ticles of precipitate which may be on the paper. Add the acid in small 
portions from a pipet, directing the stream about the upper edge of the 
paper. Wash the paper several times with hot water, catching all wash- 
ings in the beaker in which the first precipitate has been dissolved. Dis- 
card the paper. Dilute the solution to 250 ml, add 0.5 g oxalic acid or 
ammonium oxalate, and again precipitate the calcium as before. Allow 
to stand 1 hour, and filter. Add the filtrate and washings to those from the 
first precipitation. The choice of filtering medium is governed by the 
method to be used for the final estimation. If platinum crucibles are 
available, filter with ashless paper (Whatman no. 40 or 42), and ignite 
in platinum to calcium oxide. If platinum is not available, filter in a 
Gooch crucible, and determine the calcium volumetrically according 
to the procedure given on page 430. 

If the calcium is to be ignited to the oxide, filter with a suitable grade 
of quantitative paper, and wash thoroughly with ammonium oxalate solu- 
tion (note 5), until a test for chlorides with a 5-ml portion gives only a 
slight cloudiness (note G). Tgnite in a platinum crucible. When the paper 
is completely oxidized, interrupt the heating, and crush the precipitate 
with a blunt stirring rod. Carefully wipe particles of precipitate from 
the rod with a piece of ashless filter paper, place the paper in the crucible, 
and burn it. After crushing, ignite for 15 minutes with the blast lamp, 
using the highest temperature attainable. Cool and weigh; then reig- 
nite for 10-minute periods until constant weight is obtained. Three 
periods are generally required to assure the attainment of constant 
weight. Report the percentage of calcium oxide in the sample. Dupli- 
cate results should agree within 0.3 per cent. 

Notes. 1 . The concentration of calcium should not exceed 1 mg CaO per milliliter. 

2 . Note that the precipitate is largely formed under conditions of greatest solu- 
bility, that is, in hot acid solution. Slow neutralization and efficient stirring are 
essential in order to minimize occlusion. 

3 . Prolonged standing is inadvisable since magnesium oxalate may in time pre- 
cipitate. 

4. If calcium is of be determined volumetrically use a Gooch crucible. Follow 
the directions of page 430. 

5. The solution contains 1-2 g per liter. 

6 . The sample of wash water should be acidified with HNO 3 before addition of 
AgN (>3 to test for chloride; otherwise a precipitate of Ag 2 C 2 C >4 may be obtained. 

Errors. 1 . Calcium may be lost in preceding determinations. 

2. Incomplete ignition. Unless the precipitate is broken up, it is 
difficult to obtain complete conversion to the oxide. 
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3. Readsorption of carbon dioxide and water during cooling and 
weighing. Keep the crucible covered, and make the weighings rapidly. 
The proper weights should be placed on the balance pan before the 
crucible is removed from the desiccator. 

4. Occlusion of sodium or magnesium oxalates. Without a double 
precipitation this error may be quite large. 


Magnesium 

Procedure. Add 50 ml nitric acid to the combined filtrate and wash- 
ings from the calcium determination, and evaporate to dryness (note 1) 
on the steam bath. If a large residue is obtained, add nitric and hydro- 
chloric acids, and again evaporate. Add to the residue 2 ml hydrochloric 
acid and 50 ml water, and digest until all magnesium salts are in solu- 
tion. A slight insoluble portion is probably silica. This will be removed 
in the first filtration. Dilute the solution to 150 ml, add 10 ml ammo- 
nium phosphate reagent (note 2) and a few drops of methyl red indica- 
tor, cool in a bath of ice water, and precipitate by slowly neutralizing 
with concentrated filtered ammonium hydroxide. After the solution is 
neutral, continue to stir vigorously for a few minutes, then add 5 ml 
ammonium hydroxide in excess, and allow the solution to stand 4 hours 
in ice water or overnight at room temperature. Filter the solution, Re- 
taining as much of the precipitate as possible in the beaker; wash twice 
by decantation with cold ammonium hydroxide (1:20). Reject the 
filtrate and washings. Place the beaker with precipitate beneath the 
funnel, dissolve the precipitate by pouring through the filter paper 50 ml 
warm hydrochloric acid (1:9), and wash the paper with several small 
portions of hot water. Discard the paper. Dilute the solution to 150 ml, 
add 0.5 ml ammonium phosphate reagent, and again precipitate as be- 
fore. Follow one of the methods on page 398 for the final filtration and 
weighing; probably the hexahydrate method is preferable for student 
use. Calculate the weight of magnesium oxide in the precipitate and 
the percentage in the sample. Duplicate results should agree within 
0.3 per cent. 

Notes. 1. For destruction of ammonium salts and oxalic acid. 

2. Prepare the reagent by dissolving 25 g diammonium hydrogen phosphate in 
100 ml water. Filter if the solution is not clear. 

Errors. See discussion in analysis of phosphorus. The errors in the 
determination of magnesium are chiefly the same as in the determina- 
tion of phosphorus, except for the loss of magnesium which may occur 
during preceding stages of the analysis. This loss is most likely to 
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occur in the precipitation of calcium. The presence of sodium from fu- 
sion causes some occlusion, but two precipitations reduce the amount of 
this occluded impurity to a negligible value, as shown by Epperson. 4 
Solubility losses may be important when dealing with such a soluble 
precipitate as that of magnesium ammonium phosphate, but, if precipi- 
tation and washing are properly done, the loss is negligible. 5 It is im- 
perative to use only a small quantity of wash water and to keep the 
temperature low. Some mechanical loss may occur through failure to 
remove particles of precipitate which cling to the walls of the beaker. 
Scratching of the wall by the stirring rod should be carefully avoided. 
Any calcium and manganese which may remain in solution will be 
precipitated at this point, the former as the phosphate, the latter as 
manganese ammonium phosphate. 

PART III. ADDITIONAL PROCEDURES EMPLOYED IN MINERAL 

ANALYSIS 

Purification of Silica 

As previously stated, the amount of silica which remains in solution 
after a second dehydration is largely compensated by the amount of 
iron and aluminum oxides which are retained by the silica precipitate. 
If allowance is to be made for the silica content of the mixed oxide pre- 
cipitate, it is also necessary to determine the amount of impurity in the 
silica precipitate. Neither of these corrections should be applied alone. 

Procedure. After ignition of silica to constant weight in a 'platinum 
crucible (platinum is necessary for the hydrofluoric acid treatment), 
moisten the precipitate with 1-2 ml water, adding this carefully from 
a pipet and allowing it to run slowly down the side of the crucible. Add 
in the same manner 0.5 ml sulfuric acid (1:2). Open a bottle of hydro- 
fluoric acid by heating the sharp end of a clean file and making two 
holes in the top of the bottle with the heated iron. Pour through one 
hole 3-4 ml hydrofluoric acid. Caution : Do not allow the acid to touch the 
skin. Carry out the entire operation in a good hood. Avoid breathing any 
hydrofluoric acid fumes. Close the wax bottle by heating the wax with 
a hot file and allowing melted wax to run into the hole previously made. 
Make an air bath by bending the wire ends of a triangle and placing it 
within an iron crucible. The wires are bent to form hooks which engage 
the rim of the iron crucible. Place the platinum crucible within the air 
bath, and heat until all water is expelled and only sulfuric acid remains. 

4 A. Epperson, J. Am. Chem. Soc 50, 321 (1928). 

5 R. F. Uncles and G. B. L. Smith, Ind. Eng. Chem., Anal. Ed., 18, 699 (1946). 
J. I. Hoffman and G. E. F. Lundell, Bur. Standards J. Research, 6, 279 (1930). 
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Remove the crucible from the air bath, place it on a triangle, and heat 
cautiously with a free flame until the sulfuric acid is expelled, keeping 
the flame in motion throughout the operation. A ring or microburner 
is advised, if available. After the acid is expelled, gradually increase the 
size of the flame until the crucible is heated to redness, and then ignite 
for a short time with a Meker burner or blast lamp. Cool and weigh. 
The loss in weight is the weight of pure silica in the sample. After re- 
moval of silica in this manner compute the weight of combined oxides 
left in the crucible by subtracting from the final weight obtained the 
weight of the crucible. Add the weight of oxides recovered to the weight 
of combined oxides obtained in the analysis. 

It is very important to test the hydrofluoric acid for purity. Evapo- 
rate in a platinum crucible a volume equal to that used in the analysis, 
and weigh the residue. If an appreciable residue is found the acid is not 
suitable for use. 


Dehydration of Silica by Perchloric Acid 

Willard and Cake 6 have shown that perchloric acid may be employed 
with advantage for the dehydration of silica, without evaporating the 
solution to dryness, as in the usual method when hydrochloric acid is 
employed. A hydrochloric acid solution of the sample is treated with 
perchloric acid, evaporated until most of the water is expelled, and 
boiled for a short time. After cooling, the solution is diluted with water 
and the silica removed by filtration. A single treatment suffices in all 
but the most exacting analyses. Fish and Taylor 7 give a procedure for 
the use of perchloric acid in the proximate analysis of dolomitic lime- 
stones and show that the presence of perchloric acid does not affect 
other determinations made after silica is removed. 

Procedure. Do not attempt this method without the advice of the in- 
structor . Perchloric acid can cause violent explosions if improperly handled . 
After bringing the ignited or fused sample into solution with hydrochloric 
acid, add 10 ml 60-70 per cent silica-free perchloric acid, cover the 
beaker with a watch glass resting on glass hooks, and evaporate on a hot 
plate until dense fumes of perchloric acid are evolved. Cover tightly 
with a watch glass, and boil over a free flame for 15 minutes, taking 
care that the solution does not solidify. Should this occur, add more 
perchloric acid. Cool, add about 50 ml water, boil for a few minutes, 
and filter off the silica. Wash the precipitate, and ignite in the usual 
manner. Reserve the filtrate and washings for subsequent determina- 
tions. 


e H. H. Willard and W. E. Cake, J. Am. Chem. Soc 42, 2208 (1920). 
7 F. H. Fish and F. M. Taylor, J. Chem. Education , 10, 246 (1933). 
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Volumetric Determination of Calcium 

Follow the directions of page 425 for precipitation and digestion. 
Prepare a Gooch crucible with a tight asbestos mat. It need not be 
weighed. After the first precipitation and digestion, filter through the 
Gooch crucible, with suction. Retain as much of the precipitate as 
possible in the beaker. Wash twice by decantation with ammonium 
oxalate solution (note 5, page 426). Remove the filtrate and washings 
from the suction flask, and reserve for the magnesium determination. 
Replace the Gooch crucible on the flask, and pour through the mat 
50 ml hot 3 N hydrochloric acid solution. Wash with a little hot water. 
Carefully transfer the acid solution and washings to the beaker in which 
the bulk of the original precipitate remains. The precipitate should 
dissolve in the acid solution. 

Carry out the second precipitation of calcium oxalate according to 
directions of page 426, and allow to stand 1 hour. Filter through the 
Gooch crucible used for the first precipitation. Wash twice by decanta- 
tion with ammonium oxalate solution, and then transfer the precipitate 
to the Gooch crucible. Complete the washing with several 3-5 ml por- 
tions of ice-cold water, to remove excess ammonium oxalate. Interrupt 
the suction before adding each portion, and then suck dry before the 
next portion is added. Add the washings to the second filtrate, and 
reserve for the magnesium determination. 

Remove the Gooch crucible from the holder, and place it in a 400-ml 
beaker. Add to the beaker 30 ml 4-5 N sulfuric acid, and warm to 
facilitate solution of the calcium oxalate. Break up the asbestos mat 
with a stirring rod, and remove the Gooch crucible, rinsing thoroughly 
with a stream of water from a wash bottle. Dilute the solution to about 
80 ml, and heat to 80-90°C. Titrate with standard permanganate 
solution according to the procedure of page 218. A 0.2 normal solution 
should be used if available, since with the usual dolomite samples a 
volume of 70-80 ml of 0.1 A permanganate solution may be required. 
Determine a blank by diluting 30 ml 4-5 N sulfuric acid to 80 ml, heat- 
ing, and titrating with permanganate to the appearance of a permanent 
color. Compute the weight and percentage of calcium as CaO in the 
sample. The equivalent weight is CaO/2 since each mole of CaO is 
equivalent to a mole of oxalic acid. 


Carbon Dioxide by Gas Evolution 

The loss on ignition is not an accurate measure of the carbon dioxide 
content of a limestone, because of the other changes which occur on 
ignition of a sample. A direct determination of carbon dioxide may be 
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made by treating the sample with acid and passing the evolved gas 
through an absorption train which removes in turn water vapor and 
carbon dioxide. The gain in weight of the absorption vessel gives the 
weight of carbon dioxide in the sample. The determination is not of 
particular importance in the analysis of limestones, but is included in 
quantitative analysis because it serves as an introduction to the gen- 
eral technique of gas-absorption determinations, which are very im- 
portant in the analysis of organic compounds by combustion and in 
the determination of carbon in steel. The chief difficulties involved in 
the technique of this experiment are in obtaining an absolutely tight 
absorption train, in complete removal of water vapor and other impuri- 



Fiq. 32. Determination of carbon dioxide by gas evolution. 


ties from the gas, in complete absorption of carbon dioxide, and* in 
weighing the large glass apparatus used as absorbing vessels. 

Many modifications of the absorption train may be introduced to 
conform with the apparatus available, but the essential principles are 
embodied in the apparatus described. A schematic diagram is shown 
in Fig. 32. The glass tubing should be of the same size throughout and 
should fit tightly into the rubber tubing used for connections. The side 
arms on all U-tubes 8 should be of the same size as the glass tubing em- 
ployed for connections. The tops of the U-tubes are closed by corks, 
which are cut off flush with the top of the tube and covered with a layer 
of paraffin. All glass ends should be fire-polished, and the glass joints 
should touch one another. Rubber connections should be 1^-2 in. long, 

8 Several types of absorption tubes now on the market are superior to the TJ-tubes 
as described and should be substituted for the U-tubes if available. The methods of 
operation are the same regardless of the type of absorption tube used. 




432 


22 


Analysis of Limestone 

to give gas-tight joints. The U-tubes must be closed, after removal 
from the train, by slipping over the side arms a piece of rubber tubing, 
sealed by a glass plug at the other end. 

Formerly, calcium chloride was employed as absorbent for water 
vapor, and a 50 per cent solution of potassium hydroxide as absorbent 
for carbon dioxide. In modern practice calcium chloride is largely re- 
placed by more efficient drying agents which may be regenerated by 
heat after they become saturated with water. Widely used are Dehy- 
drite, Mg(C10 4 ) 2 *3H 2 0; Anhydrone, Mg(C10 4 ) 2 ; Drierite, CaS0 4 ; 
Dessichlora, Ba(C10 4 ) 2 ; and others of similar properties. All are effi- 
cient and satisfactory. Potassium hydroxide solution for carbon dioxide, 
which requires a fragile Geissler bulb, has been largely superseded by 
the introduction of solid carbon dioxide absorbents such as Ascarite, a 
mixture of sodium hydroxide with asbestos fiber. 

The operation of accurately weighing a large glass vessel requires 
some care. Because of the large surface the amount of water vapor 
which is held by the glass varies with the humidity, and a variation of 
1-2 mg may be noted in the weight of a U-tube on successive days if 
humidity conditions have changed. The effect of surface adsorption 
may be minimized by means of a counterpoise, a similar glass vessel 
which is always suspended from the right-hand arm of the balance when 
a weighing is made. Instead of the total weight of the absorption tube, 
only the difference in weight between the tube and the counterpoise is 
determined. The absorption tube and the counterpoise should be 
wiped with a damp cambric cloth 10 minutes before weighing and should 
be allowed to stand in the balance case until the weighing is made. By 
this procedure the amount of surface moisture on the two objects is 
made approximately the same. Use of a damp cloth for wiping prevents 
the glass from acquiring an electric charge. Closed glass vessels must be 
momentarily opened just before weighing, in order to insure pressure 
equalization within and without the vessel. With a counterpoise and 
the afore-mentioned precautions it is easy to reproduce weights, on 
even a large vessel, within 0.2-0. 4 mg. It is convenient to select as 
counterpoise a vessel which weighs less than the absorption vessel, so 
that weights are added to the right-hand pan of the balance rather than 
to the object pan. If U-tubes are used for absorption, they may be 
equipped with hooks, made from copper wire, which suspend the tubes 
from the balance beam. Care must be taken to prevent swaying of the 
suspended tube during a weighing. 

Procedure. Apparatus. The apparatus shown in Fig. 32 is made 
of readily available equipment. The reaction vessel R is a round- 
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bottomed flask with a wide mouth. 9 It is fitted with a two-hole rubber 
stopper. Acid is introduced from the dropping funnel F by means of 
the bent tube T . The lower end is bent upwards in order to prevent 
escape of gas through the acid funnel. Air used to sweep the apparatus 
is drawn in through this funnel, after first passing through a tube of 
Ascarite. The other hole of the stopper carries a small condenser, 
mounted vertically. Its function is to prevent a large amount of steam 
going over into the drying tubes. 

After passing through the condenser, the evolved gas goes through 
two drying tubes K and L. The central portion of K is charged with 
anhydrous copper sulfate whose function is to remove hydrogen sulfide 
and hydrogen chloride from the gas. The remainder of K is charged 
with one of the drying agents previously mentioned. If none of these 
is available, calcium chloride may be used, provided that it is first satu- 
rated with carbon dioxide (because of the calcium oxide often present), 
and the excess carbon dioxide is removed by sweeping with purified air 
in the train. L is charged with the same drier as K. From L the gas 
passes into the U-tube A, which is filled with Ascarite for the first two 
thirds of its length. The final third is filled with drying agent to remove 
any water formed in the reaction of carbon dioxide with sodium hydrox- 
ide. Ascarite itself removes a large part of this water. All the U-tubcs 
are fitted with cotton plugs at the two ends in order to prevent dust from 
the absorbents from being carried along by the gas stream. 

From A the gas passes through a safety bottle Si, a sulfuric acid 
bottle B, and another safety bottle S 2 . The last is connected to a water 
aspirator pump by a length of suction tubing. The rate of flow is best 
regulated by a screw clamp P on the suction tubing. A pinch clamp on 
the inlet tube at I closes the apparatus when not in use. 

Before use the apparatus must be tested for tightness. The rubber 
tube at I is tightly closed by a pinch clamp, and the clamp P is closed. 
Water is turned on at the aspirator pump, and the clamp P is opened to 
permit a steady stream of bubbles to pass through the sulfuric acid in 
B. If the train is gas-tight, the rate of flow decreases rapidly until only 
an occasional bubble may be seen in B . If not tight, the rate of flow 
continues to be rapid. At the conclusion of the test, close clamp P, and 
open the clamp at I. Never turn off the aspirator pump while the train 
is evacuated, since this would cause water to be drawn back into the 
apparatus. 

Procedure. Blank. When the train is tight, make a blank run. 
Aspirate a current of air through the apparatus for about 10 minutes at 

9 A three-neck distilling flask (Pyrex no. 4945) of 200 ml capacity is advantageously 
used for the reaction vessel if available. 



434 


22 


Analysis of Limestone 

a rate of 2 bubbles per second. Stop the air current, remove the absorp- 
tion bulb, close it with rubber tubes, and weigh with the aid of a coun- 
terpoise. Connect the absorption tube to the apparatus; put 30 ml of 
boiled water in the reaction flask and 50 ml of hydrochloric acid (1:1) 
in the dropping funnel. Connect the apparatus, remove the tube which 
leads to the aspirator, and slowly run most of the acid into the reaction 
flask at such a rate that 2-3 bubbles of gas pass through the sulfuric 
acid bottle per second. When nearly all the acid is added, close the 
stopcock in and heat the reaction flask with a small flame for a few 
minutes until the solution comes to a boil. Remove the flame, connect 
to the aspirator, open the stopcock on the dropping funnel, and begin 
to draw air through the apparatus at a rate of 2-3 bubbles per second, 
taking care to maintain a sufficient rate of gas flow to prevent sulfuric 
acid sucking backwards as the flask cools. Continue to draw air through 
the apparatus for 30 minutes. Remove and reweigh the absorption 
bulb. The weight should agree with the previous weight within 0.3- 
1.0 mg. When a satisfactory blank has been obtained, a determination 
may be started. 

Procedure. Analysis. Sweep the system for 10 minutes, and weigh 
the absorption bulb (unless the weight is already known from a previous 
determination). Replace the bulb in position. Weigh out a 1-g sam- 
ple, and introduce it into the reaction vessel. Add to the flask 30 ml of 
water, put in the dropping funnel 50 ml of hydrochloric acid (1:1), con- 
nect the train, and add the acid as in the blank, but more slowly because 
there will be evolution of carbon dioxide. When most of the acid is 
added, close the stopcock, and heat the flask until evolution of gas 
ceases. Connect the aspirator, and draw air through the apparatus for 
30 minutes. Determine the gain in weight of the absorption tube, sub- 
tract from this the average gain in weight during a blank run, and 
compute the percentage of carbon dioxide in the limestone. Duplicate 
results should agree within 0.3 per cent. After one determination is 
completed, another may be started immediately, using the final weight 
of the absorption tube from the previous determination as the begin- 
ning weight for the new determination. 

The chief errors are those mentioned in the introductory section. It 
is essential to have a tight train and to pass the gas slowly enough so 
that absorption is complete. If difficulty is encountered in obtaining a 
satisfactory blank, it may be due to incomplete removal of hydrochloric 
acid from the gas. In that case the amount of anhydrous copper sulfate 
may be increased. The Ascarite tube at I must be sufficiently long to 
remove all carbon dioxide from the entering gas. 
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QUESTIONS 

1. Construct an outline for a scheme of qualitative analysis of a dolomitic lime- 
stone, considering only the major constituents. 

2. If a limestone rock which contains Si0 2 , C0 2 , and metallic oxides of Fe, Al, 
Ca, Mg, and K is fused with sodium carbonate and the melt is extracted with water, 
what is the composition of the residue and of the solution? 

3. What modification of the procedure given for limestone analysis would bo 
needed for a silicate rock? 

4. Suggest a method for the determination of ferrous iron, as FeO, in a rock 
analysis. 

5. What does “loss on ignition” determine? Is it higher or lower than the C0 2 
content of a limestone? Why does ignition aid in the subsequent acid decomposition 
of the sample? 

6. What might cause the ignited silica to have a brownish tinge? How can this 
error be eliminated? 

7. Under what circumstances might an analyst report a much higher percentage 
of silica than is actually present in a silicate rock? 

8. What two factors lead to high results for silica? 

9. Should the constituents of apatite, Ca 5 F(PC> 4)3 be reported as the oxides? Why? 

10. An analyst made the following errors in the procedure for mixed oxides. In 
each case tell what might happen because of the faulty procedure, and what effect 
it would have on the results. 

(a) Use of undistillcd ammonia. 

(b) The presence of insufficient HC1 in the solution before ammonia was added. 

(c) The ignition of the precipitate under such conditions that there was an 

insufficient access of air. 

11. If a mineral contains an amount of P 2 Os considerably in excess of R 2 03 , could 
the separation of calcium and mixed oxides be accomplished by the methods of this 
chapter? 

12. Why must a large excess of ammonia be avoided in precipitation of the mixed 
oxides? 

13. An R 2 0 3 precipitate is fused with KHS0 4 and the resulting mixture treated 
with water. If the precipitate is assumed to consist of Fe 2 03 , Ti0 2 , Al 2 (> 3 , and Si0 2 , 
what is the composition of the aqueous solution? 

14. What are the difficulties involved in weighing calcium as the carbonate? As 
the sulfate? If platinum crucibles are not available, what method should be used for 
the determination of calcium? 

15. Why must ammoniacal solutions never be allowed to stand in glass vessels 
during a mineral analysis? 

16. If silica has been absorbed from glass vessels subsequent to the determination 
of the combined oxides, how may it affect the analysis? Can it be readily removed? 

17. Why must the ammonium hydroxide used for the precipitation of combined 
oxides be distilled, whereas in other stages of the analysis it need only be filtered? 

18. Why is the precipitation of calcium oxalate started in acid solution? Why is 
the process of rcprecipitation used? Why is a period of digestion longer than several 
hours harmful? Discuss three ways in which the precipitate may be treated to deter- 
mine the percentage of CaO. 

19. What would be the effect on the percentage of CaO reported of each of the 
following errors? 
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(а) Incomplete decomposition of a complex calcium silicate. 

(б) Ignition of precipitated CaC204 at too low a temperature. 

(c) Postprecipitation of MgC204. 

(d) Occlusion of Ca ++ in the mixed oxides determination. 

(e) Presence of CO2 in the NH3 used for mixed oxide determination. 

(/) The R2O3 precipitate is allowed to stand overnight in equilibrium with its 

supernatant solution and the atmosphere. 

20. What would be the effect on the reported percentage of MgO of each of the 
following errors? 

(a) Too low a concentration of NH 4 + during the R2O3 determination. 

(b) Use of a hot ammonia solution for washing MgNIUPC^. 

(c) Partial precipitation as MgHPCU instead of MgNIUPCVCIUO, if the 

precipitate is weighed as the hydrate; if the precipitate is weighed after ignition 

to the pyrophosphate. 

21. What should magnesium be precipitated as? weighed as? Why are the pre- 
cipitations carried out in cold solution? Why is reprecipitation used? What is the 
purpose of evaporating the solution to dryness several times with HNO3 before 
starting the magnesium precipitations? 

22. last three places in limestone analysis other than in the actual determination 
of magnesium where one might account for a loss of magnesium. 

23 . A dolomite contains Ti, Zr, Cr, Ce, P, V, and Mn. State the formula for the 
precipitate given by each of these. Where, in the proximate analysis, will the pre- 
cipitate be formed? 

24 . Why is the determination of sodium and potassium made on a portion of 
original sample rather than on a sample from which the other constituents have been 
removed? 


PROBLEMS 

1 . A 1.000-g sample of limestone gave a precipitate of Fe203 and AI2O3, weighing 
0.0800 g. The precipitate of mixed oxides was fused with KHSO4, dissolved in sul- 
furic acid, and passed through a Jones reductor, and the iron was titrated with 20.00 
ml of 0.0100 N permanganate solution. Calculate the percentage of FeO and of 
AI2O3 in the limestone (assume all iron present as FeO in the original sample). 

2. Calculate the percentage of CaO in a limestone from the following data: 

Weight of sample 0.7500 g 

Volume of KMn04 to titrate 
acid solution of CaC204 15.00 ml 

40.00 ml KMn04 is equivalent to 35.00 ml Na2S203. 

35.00 ml Na2S203 is equivalent to 0.2300 g AS2O3. 

3 . From a 0 . 8125 -g sample of limestone there is obtained an impure ignited SiC>2 
which weighed 0.0837 g. The residue after treatment of the SiC>2 with HF and H2SO4 
weighed 0.0045 g. 

(а) What is the reported percentage of Si02 without purification? 

(б) What is the reported percentage of Si02 after purification? 

(c) On the basis that the total impurity in the Si02 was calcium, which was 
weighed as CaO with the Si02 and as CaS04 after the purification, what error is 
made by not taking into account the differences in weight between the CaO and 
CaS0 4 ? 
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4. Because of insufficient ignition a supposed CaO precipitate from a 1.000-g 
sample of limestone weighs 0.4125 and contains 5.30 per cent of its own weight of 
CaC(>3. What is the reported percentage of CaO, and what is the true percentage 
of CaO? 

5. 0.2000 g of a supposedly ignited precipitate of Mg 2 P207 contains 10.0 per cent 
of its own weight of Mg3(P04) 2 . What should the ignited product have weighed 
had all the magnesium been properly precipitated as MgNEUPCU • 6H 2 0? If it is 
assumed that all the magnesium is present in the mineral as MgC03, what is the 
correct percentage of this constituent in the sample which weighed 0.5000 g? 

6. A 0.2564-g sample of a rock which contains only calcium and magnesium 
carbonates gives 0.1428 g of mixed oxides after ignition. What weight of rock will 
be needed to furnish 10 1. of carbon dioxide, measured at standard conditions? 

7. If it is assumed that in a limestone all the calcium and magnesium are present 
as carbonates and that there are no other carbonates in the mineral, what is the 
percentage of C0 2 in a rock which analyzes 40.07 per cent CaO and 11.67 per cent 
MgO? 

8. A sample is 20.00 per cent CaO and 25.00 per cent MgO. Could this sample be 
simply a mixture of CaC03 and MgCOs and nothing else? 

9. A limestone analyzes as follows: 


CaC0 3 

91.7 % 

MgCOs 

3.15% 

Si0 2 

1.75% 

r 2 o 3 

1.32% 

Volatile 

1.84% 


What is the composition of the resultant lime produced by strong ignition? Assume 
only the loss of C0 2 and volatile matter on heating. 

10. A rock sample which weighed 0.5200 g gave a 0.041 6-g residue of sodium and 
potassium chlorides. From this residue a 0.0648-g precipitate of potassium chloro- 
platinate was obtained. Calculate the percentages of sodium oxide and potassium 
oxide in the sample. 

11. In the J. Lawrence Smith method for the estimation of K 2 0 and Na 2 0 a 
0.7500-g sample of limestone gave a precipitate of mixed halides which weighed 
0.0100 g and which on proper treatment yielded a precipitate of KCIO4 which weighed 
0.0075 g. Find the percentages of K 2 0 and Na 2 0 in the rock. If the potassium had 
been separated as the chloroplatinate, what would the precipitate have weighed? 
If this latter precipitate had been strongly ignited and washed, what would it have 
weighed? 
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THEORY 

Electrolysis. The decomposition of a solution by passage of an elec- 
tric current is known as electrolysis. During electrolysis positive ions 
migrate to the electrode connected to the negative terminal of the source 
of current, while negative ions migrate to the positive electrode. At the 
electrodes positive ions take up electrons and negative ions give up 
electrons. If there are in a solution several ions which may undergo 
electrolysis, the positive ion discharged is that with the greatest tend- 
ency to take up electrons, whereas the discharged negative ion is the 
one with the least tendency to hold electrons. 

Laws of Electrolysis. The amount of an element set free by the 
passage of a current is proportional to the current which passes. Fara- 
day’s law states that “the same quantity of electricity sets free at the 
electrode the same number of equivalent weights of any substance.” 
The practical unit of electricity is based on this law. One faraday of 
electricity, the unit quantity, will liberate one equivalent weight of any 
substance. The faraday is 96,500 coulombs. 

The current passing through a solution is measured in amperes , that 
is, coulombs per second. The current is related to the applied potential 
and the resistance by Ohm’s law, 

Effective emf = current X resistance 

The effective emf is the applied emf minus the decomposition voltage 

438 
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(see page 440), since the decomposition voltage is in effect an opposing 
emf. That is, 

-^applied ^decomp. 

The resistance R is measured in ohms. It is proportional to the dis- 
tance between the electrodes and inversely proportional to the area of 
the electrodes. 

Electrode Reactions. The reaction which occurs at an electrode 
depends on the ions present in solution and the nature of the electrode. 
In aqueous solution, with inert electrodes of platinum, hydrogen is 
liberated at the cathode (negative electrode) when the other positive 
ions present are substances above hydrogen in Table 25, but substances 
below hydrogen are preferentially reduced. Likewise, oxygen (from 
water) is liberated at the anode if other ions present have greater oxida- 
tion potential than the OH" ion. If the charged electrode is readily 
oxidized or reduced, no element is liberated, but instead the electrode 
is attacked. A few examples will illustrate these statements. 

Example 1. Silver nitrate is electrolyzed between silver electrodes. 
At cathode Ag + + e = Ag 
At anode Ag — e = Ag + 

Example 2. Silver nitrate is electrolyzed between platinum elec- 
trodes. 

At cathode Ag + + e = Ag 
At anode 2H 2 0 — 4c = 0 2 + 4H + 

Example 8. Sodium chloride is electrolyzed between a silver chloride 
cathode and a silver anode 

At cathode AgCl + e = Ag + Cl"” 

At anode Cl~ 4- Ag — e = AgCl 

There may also occur at the electrodes a change in valence without 
liberation of an elementary substance. For example, Fe ++ may be oxi- 
dized at an anode, 

Fe ++ - e = Fe +++ 

and Fe +++ may be reduced at a cathode, 

Fe +++ + e = Fe ++ 

Decomposition Potential. If current is passed through a solution, 
no appreciable decomposition occurs unless the voltage applied to the 
electrodes exceeds a certain minimum value, which is known as the de- 
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composition potential of the ions involved. The decomposition poten- 
tial is related to the emf set up by the cell resulting from the electrolysis. 
Suppose, for example, that 1 M solution of zinc iodide is electrolyzed 
between platinum electrodes. Zinc and iodine are liberated: 

Zn ++ +- 2e = Zn at — electrode 

2I~ — 2e — h at + electrode 

As soon as this reaction occurs, there is built up the cell, 

Zn, Zn ++ + I - , I 2 , I J t 

The potential of this cell is readily computed by the methods of 
Chapter 15. 

Zn = Zn++ +2e E° = +0.76 
21- = I 2 + 2e E° = -0.53 


Zn + I 2 — Zn ++ + 21 E° 1—2 — +1.29 

= 1.29 - log [Zn+ + ][I~] 2 

In a 1 M solution of Znl 2 the concentration of Zn ++ is 1 and the concentration of I 
is 2 M. Substitution of these values for the concentrations of the ions gives 

n n r iO 

Em = 1.29 - -y 1 log (1)(2) 2 


= 1.27 volts 

It is noted that in this cell the I 2 is the positive electrode and the Zn 
the negative. Thus the cell emf is in opposition to the applied emf, and 
in order to pass any current through this cell the applied emf must ex- 
ceed the cell emf of 1.27 volts. The cell emf is therefore known as the 
theoretical decomposition voltage. 

The student should at this point construct an electrical diagram for 
the electrolysis circuit and mark the voltage and polarity at each elec- 
trode, to understand that the cell emf opposes the applied emf. 

Overvoltage. When the decomposition potential of a cell is com- 
puted, as previously, it is often found that application of the theoretical 
potential will not cause electrolysis. In some cases it may be necessary 
to exceed the theoretical potential by several volts before electrolysis 
will proceed. The excess potential, above the theoretical decomposition 
potential, is known as overvoltage. 

Overvoltage is chiefly of importance at electrodes where a gas may be 
liberated; usually little or no overvoltage is found for the liberation of 
metals. The liberation of a diatomic gas (practically all those encoun- 
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tered in analytical depositions are diatomic) must take place in two 
steps: 

X + + e = X (atoms) 

2X = X 2 (molecules) 

The theoretical explanations which have been proposed assume that one 
or the other of the two steps is a reaction which under certain conditions 
is retarded. A discussion of these theories is beyond the scope of an 
elementary book; only one is presented, and that is given chiefly to 
emphasize the factors which influence overvoltage. According to this 
theory, the second reaction, the combination of atoms to form gaseous 

TABLE 37 

Approximate Hydrogen Overvoltages on Different Metals * 


Current 

Density Platinized Smooth 


amp per cm? 

Pt 

Pt 

Cu 

Fe 

Hg 

Ni 

A1 

1(T 4 

0.003 

— 

0.35 

0.22 

0.28 

— 

0.50 

1(T 3 

0.015 

0.024 

0.48 

0.40 

0.9 

0.56 

0.57 

10" 1 

0.038 

0.19 

0.80 

0.82 

1.06 

1.05 

1.0 

1 

0.048 

0.68 

1.25 

1.29 

1.13 

1.24 

1.29 


* International Critical Tables, VI, 339-340. 


molecules, is influenced by the metal on which the gas is liberated. 
Some metals catalyze the reaction markedly, others to a lesser extent. 
When there is an accumulation of atoms on the metal surface, there is a 
tendency for the liberated atoms to go back into solution, and therefore 
a higher voltage is required for further deposition. 

Among the factors which influence overvoltage at gas electrodes are 
the following: 

1. Material of electrode. As previously stated, there is a difference in 
the overvoltage found for different electrodes. Overvoltages for hydro- 
gen and the halogens are practically zero at small current densities 1 
when a platinized platinum 2 electrode is employed, whereas on mercury 
or metal amalgam surfaces the overvoltage of hydrogen is high. 

Some approximate hydrogen overvoltages are shown in Table 37, to 
illustrate the variations with different metals. 

1 The current density at an electrode is the current passing per unit area of electrode 
surface. Usually the density is stated in amperes per square centimeter, N.D., or 
in amperes per square decimeter, N.D.ioo- 

2 A platinized platinum electrode is made of platinum covered by a coat of elec- 
trolytically deposited platinum. The term is used to differentiate the electrolytically 
deposited surface from the surface of a massive electrode. Platinized platinum elec- 
trodes are usually employed when equilibrium is sought between a gas and its ions. 
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2. Nature of surface. The condition of a surface will have some effect 
on overvoltages, particularly at high current densities. Probably this 
effect, as shown by comparison of the data for smooth and platinized 
platinum electrodes, is due to the extent of surface available for catalyz- 
ing the atomic reaction. 

3. Current density . As the current density is increased, there is a rise 
in overvoltage for all metal surfaces and for all gases liberated. There is 
a tendency towards a limiting overvoltage at higher current densities; in 
general, the overvoltages on different metals tend to approach a common 
value at high current densities. 

4. Temperature. Usually the overvoltages decrease as the temperature 
increases. The hydrogen overvoltage on platinized platinum is an 
exception, being apparently independent of temperature. 

From the analytical chemist's viewpoint the overvoltages of impor- 
tance are those of hydrogen and oxygen, particularly the former. In 
nearly all electrolyses there is some evolution of hydrogen at the cathode, 
due to local exhaustion of metal ions in the vicinity. If it were not for 
hydrogen overvoltage, this effect would predominate to such an extent 
that complete deposition of certain metals would be difficult. Often the 
analyst may by increasing the overvoltage make depositions that cannot 
otherwise be made. For example, a mercury cathode (a pool of mer- 
cury, connected to the negative terminal) is often employed to take 
advantage of the high hydrogen overvoltage on mercury. By means of 
the mercury cathode, iron and zinc can be completely separated from 
aluminum. The amalgamation of zinc for use in a Jones reductor pre- 
vents evolution of hydrogen because of the high overvoltage of hydrogen 
on mercury. 

A striking illustration of the effect of overvoltage is provided in 
the familiar experiment of placing a strip of amalgamated zinc in 
dilute sulfuric acid and touching the zinc with a platinum wire. When 
the wire is removed, there is little evolution of hydrogen. When the 
wire is in contact with the zinc, there is copious evolution, but all 
the gas appears to come from the platinum wire. Because of the high 
overvoltage on the zinc surface the reaction, 

11+ + e = H 

proceeds very slowly. When the platinum wire is touched to the zinc 
surface, the electrons released by the reaction, 

Zn - 2e = Zn ++ 

may flow into the platinum wire; there, because of the low overvoltage, 
the deposition of hydrogen may proceed rapidly. 

2H+ + 2e = H 2 
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Separation by Electrolysis. If the decomposition voltages for two 
compounds in the same solution lie far apart, one of the substances may 
be almost completely deposited by application of a potential which is 
betAveen the tAvo decomposition voltages. For example, the decomposi- 
tion voltage of a zinc sulfate solution is 2.55 volts, of a sulfuric acid 
solution 1.67 volts, and of a copper sulfate solution 1.49 volts. If a 
potential of 2.0 volts is applied to a sulfuric acid solution of zinc and 
copper sulfates, the copper is almost completely deposited, some hydro- 
gen is liberated, but no zinc ion is deposited. 

Because of overvoltage effects and the effect of pH on electrolysis 
(see beloAv), the exact computation of decomposition voltages from 
aqueous solutions is complicated. The completeness of separation of 
two metals is, however, readily computed by a consideration of the 
equilibrium relations. For example, Ave may compute the concentra- 
tion of cupric ion at Avhich there Avill be simultaneous deposition of 
copper and zinc from a solution in Avhich the concentration of zinc ion is 
II. 

The equilibrium is evaluated by means of the cell, 

Zn, Zn +4 ' || Cu ++ , Cu 

FolloAving the treatment of Chapter 15, 

Zn = Zn + + + 2e E° = +0.76 

Cu = Cu + + + 2e E° = -0.34 

Zn + Cu + - f - - Zn" f+ + Cu E° i_ 2 = +1.10 

At equilibrium, 

Solving gives 


Before any Zn can deposit from all solution, the concentration of 
cupric ion must be reduced to 10~ 37 ‘ 3 . 

Effect of Concentration on Decomposition Voltage. The de- 
composition voltage not only depends on the oxidation potentials of the 
products set free in the electrolysis, but in addition is influenced by the 
concentrations of the ions that are liberated. The relation between the 
theoretical decomposition voltage and concentration has been shown on 
page 440 for a zinc iodide solution. As the concentrations of zinc and 
iodide ions diminish, the voltage rises. For example, when the solution, 
originally specified to be 1 M, has been electrolyzed until the salt concen- 
tration is 10“ 5 M , the concentration of Zn ++ is 10“ 5 , and the concentra- 
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tion of I” is 2 X 10~ 5 . Substitution of these concentration values into 
the equation gives as the theoretical decomposition voltage 1.72 volts. 

Concentration effects may cause incomplete separation of two metals 
by electrolysis ; even though the decomposition potentials lie far apart. 
As electrolysis proceeds, there is local exhaustion of one ion in the vicinity 
of the electrode. Unless the applied voltage is carefully controlled, 
there is danger that because of this local effect another ion may be simul- 
taneously deposited. For this reason it is difficult to make a complete 
separation of two ions unless they have oxidation potentials very far 
apart or unless the decomposition potential of hydrogen ion lies between 
those of the sought ions. 

Part of the effectiveness of the mercury cathode in the electrolysis of 
ions that are othenvise difficult to deposit is due to the concentration 
effect. When an ion is reduced at a mercury cathode and the liberated 
metal dissolves in the mercury, its activity is lowered, and there is less 
tendency to redissolve. Consequently, the decomposition voltage is 
lowered. To compute the theoretical decomposition voltage when the 
deposited metal is dissolved in mercury, the mole fraction of the metal is 
taken as the activity. 

Effect of pH. Since hydrogen ion is always present in aqueous solu- 
tions, the effect of pH must be taken into account in all electroanalyses. 
Metals which are below hydrogen in the oxidation-potential table may 
be deposited from acid solutions. At the same time there is some evolu- 
tion of hydrogen, due to local exhaustion of metal ions in the vicinity 
of the electrode. Metals which lie above hydrogen cannot be deposited 
from acid solution except when the overvoltage of hydrogen is so great 
that its position in the oxidation-potential series is shifted to higher 
values. For deposition of metals which lie far above hydrogen it is 
necessary to reduce the hydrogen-ion concentration by making the 
solution alkaline. The separation of copper and nickel is an example of 
the effect of pH. Copper is deposited from acid solution. When the 
concentration of copper is locally depleted, no nickel is precipitated 
because of the plentiful supply of hydrogen ion in the vicinity of the 
electrode. After all the copper is removed, the solution is made alkaline 
with ammonia, and the nickel is then electrolyzed. Were it not for the 
effect of hydrogen ion, a complete separation of the two metals would 
be difficult, since it would be necessary to control carefully the applied 
potential to keep it below the decomposition potential for nickel sulfate 
until after deposition of copper was complete. In the presence of the 
acid no nickel is deposited. 

The effect of overvoltage on the liberation of hydrogen may be quan- 
titatively evaluated. For illustration we may compute the concentra- 
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tion of hydrogen ion that will permit deposition of zinc when the con- 
centration of Zn ++ is 10“ 6 M. We shall assume a hydrogen overvoltage 
of 0.50 volt. The oxidation potential of hydrogen ion is, therefore, +0.5 
volts, since the effect of the overvoltage is to make a higher potential 
necessary for deposition of hydrogen. Because of the overvoltage hy- 
drogen becomes more like the active metals such as zinc and sodium. 

Solution: Set up the cell, 

Zn, Zn++ || H+, H 2 , Pt 

Zn = Zn++ + 2e E° = +0.76 

H 2 = 2H+ +2e E° = +0.50 

Zn + 2H + — Zn ++ + H 2 E°i~ 2 — +0.26 

At equilibrium, 

Solving yields 

[H+] 2 = 10~ 8 * 8 X 10~ 6 - 10~ 14 8 
[H+] * 10~ 7 4 
pH = 7.4 

Therefore zinc may be electrolyzed from a slightly basic solution, pro- 
vided conditions are such that the hydrogen overvoltage is at least 0.5. 
The student should make a similar computation for the condition of no 
overvoltage. 

Reactions at the Anode. In most of the electrolytic analyses en- 
countered the only reaction observed at the anode is the oxidation of 
hydroxide ion, 3 

20H“ - 4e = 0 2 + 2H + 

If any ion that can be oxidized to a higher valence state is present in the 
solution, this reaction also will occur. No detectable change will take 
place, however (because the oxidized ion will be reduced at the cathode), 

8 Since the OH”" must be furnished by the ionization of water in acidic or neutral 
solutions, the actual process taking place is the sum of two equations: 

2H 2 0 * 2H+ + 20H“ 

20H~ - 4e « 0 2 + 2H+ 



2H 2 0 - 4e * 0 2 + 4H+ 
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Analysis by Electrodeposition 

unless some substance is present that will on oxidation form an insoluble 
precipitate. When lead (or manganese) is oxidized to the tetravalent 
form in acid solution, there results a precipitation of the dioxide. 

Pb + + ~ 2e = Pb ++++ 

Pb++-f + + 2H 2 0 = Pb0 2 + 4H+ 

This reaction is the basis for the electrolytic determination of lead. 
When it is carried out in high concentration of nitric acid, there is 
quantitative deposition of lead dioxide at the anode. The deposit is 
sufficiently firm and adherent that the electrode may be washed without 
loss of precipitate. 


EXPERIMENTAL 

Apparatus. The electric circuit used is shown in Fig. 33. Current 
is obtained from a 6- or 12-volt battery. Regulation is by a slide-wire 

resistance which must be able to 
carry the maximum current with- 
out overheating. A voltmeter V 
measures the potential across the 
electrodes, and an ammeter A 
measures the current. Since the 
resistance of the electrolytic cell 
is fixed, it is, of course, impossible 
to regulate separately the voltage 
and amperage of the system, but 
both meters are provided so that 
the student may accurately know 
the conditions employed. 

The electrodes are usually of 
platinum, although other metals 
may be employed for the cathode in special cases. Gauze electrodes are 
preferable, because of the large surface area. The cathode is a large cylin- 
der, 2-3 cm in diameter and about 3 cm in length. It is supported by a 
heavy platinum-wire handle. The anode is a platinum-wire spiral, or 
preferably a small cylinder mounted so that it may be mechanically 
rotated. When gauze electrodes are not available, stationary electrodes 
may be employed. The inside surface of a platinum dish or crucible 
may be used as the cathode, while a flat spiral of platinum wire will 
serve as anode. 

When gauze electrodes are used, they are mounted on a stand at a 
height such that the tall beaker for the electrolysis can be brought 


B 



Fig. 33. Circuit employed for electro- 
deposition. 
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beneath the electrodes and elevated into the desired position. A mov- 
able clamp supports the beaker in place. 

Nature of Deposit. The most desirable condition is one in which 
the metal forms a fine-grained adherent deposit. Many factors affect 
the nature of the deposit obtained. Thus, silver may be obtained in 
forms varying from the fine grain of commercial silver plate to a very 
soft crystalline deposit which builds up in long needle-like crystals ex- 
tending from the electrode. Only a few details as to the factors which 
affect a deposit are given here. More specific directions are given later 
in connection with the determinations listed. 

1. Concentration of ions. If deposition is made from solutions of high 
concentration, the deposit is generally coarsely crystalline. It is often 
advantageous to electroplate metals from a bath in which the concen- 
tration of the ions is kept very low by means of a complex ion. Thus, 
silver plating is made from a cyanide bath, where the formation of 
Ag(CN) 2 ~ keeps the concentration of free silver ion at a very low 
value. 

2. Nature of metal. The properties of metals greatly affect the nature 
of the deposit obtained. Copper, for example, is readily plated out in 
an adherent deposit, whereas silver, under the same conditions, gives a 
very spongy non-adherent deposit. The material of the electrode, too, 
may affect the nature of deposit obtained. Many electroplating opera- 
tions are performed by first plating on copper, which serves as a base 
for further deposition. 

3. Evolution of hydrogen. Excessive evolution of gas causes a deposit 
to be brittle. All factors which decrease the amount of gas evolution 
aid in obtaining a better deposit. Chief among these are (a) mechanical 
stirring, ( b ) use of high temperature, (c) use of low current density, 
(d) decrease in acidity of solutions. In certain cases chemical depolar- 
izers may also be used for reducing gas evolution. Thus, in the electrol- 
ysis of copper, the presence of nitric acid is helpful because it oxidizes 
hydrogen atoms at the cathode, 

N0 3 ~ + 2H+ + 8H = NH 4 + + 3H 2 0 

Nitrate ion, however, is harmful in other depositions. Nickel cannot be 
electrolyzed from a solution which contains nitrates. 

4. Current density. Because of its effect on the local concentration at 
the electrode surface, the current density is important. High current 
will cause excessive gassing. When the solution is vigorously stirred, by 
a rotating anode, high current may safely be used, because fresh solu- 
tion is constantly brought into contact with the electrode surfaces. 
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Analysis of Copper Solution 

One of the simplest electrical analyses is the determination of copper, 
The sample is a weighed portion of copper wire (0.5-1 g) dissolved in 
5-7 ml HN0 3 . It is obtained in a 250-ml volumetric flask. Aliquot 
portions are used for individual samples, and the total weight of copper 
received is reported. 

Deposition is made from sulfuric acid solution. The small amount of 
nitric acid present from that used to dissolve the copper is advantageous, 
acting as a depolarizer to give a more adherent deposit. 

Procedure. The following directions are for use of gauze electrodes, 
with rotating anode. If gauze electrodes are provided without stirring 
apparatus, the procedure is the same except that a current of 0.5 ampere 
is used overnight. If other types of apparatus are employed, it is neces- 
sary to consult the instructor as to the method of washing at the conclu- 
sion of the electrolysis and the current strength to be used. 

Immerse the electrodes in concentrated nitric acid for 1 minute and 
then in dilute nitric acid (1:3) for 5-15 minutes. Rinse well in tap 
water, then in distilled water, and finally in a beaker of acetone. Place 
the cathode on a watch glass, and dry for 5 minutes in an electric oven 
at 110-120°C. Cool in a desiccator, and weigh accurately. Take care 
not to touch the gauze portion with the fingers after cleaning, because a 
grease film may be deposited that will cause formation of a non-adherent 
precipitate. Attach the electrodes to the apparatus so that the anode 
rotates freely inside the cathode. Test by hand for free rotation. The 
electrodes will be ruined if they come in contact during rotation . 

Dilute the sample to 250 ml, mix thoroughly, and withdraw two 
one-fifth aliquot portions by a pipet which has been calibrated with 
respect to the flask. Place the samples in tail-form 200-ml beakers. 
Add to each sample 1.5 ml nitric acid, 2-3 ml sulfuric acid, and about 
0.5 g urea (note). 

* Dilute to 100 ml. Place the beaker on the shelf of the apparatus, 
and raise into position so that the bottom of the electrodes barely 
clears the bottom of the beaker. Cover the beaker with split watch 
glasses if they are provided, taking care that the glass does not come 
into contact with the rotating shaft of the anode. Start the stirring 
motor, connect the battery, and adjust the current to a strength of 
1-2 amperes. Electrolyze for 20-30 minutes. If the solution appears 
colorless at the end of this time, stop the stirring motor, and put in 
sufficient water to raise the liquid level about 1 cm. Reduce the current 
to 0.5 ampere, and continue the electrolysis for a few minutes. If depo- 
sition is not complete, a film of copper will be seen on the upper portion 
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of the cathode stem, where the liquid level is raised. When deposition 
appears to be complete, pipet out a 1-ml portion, and make alkaline 
with ammonia. If the copper is not completely removed, the deep-blue 
color of the copper ammonia complex will be apparent. If deposition 
is not complete, return the test portion to the beaker, and continue the 
electrolysis for another 15 minutes. 

When deposition is complete, slowly lower the beaker, without inter- 
rupting the current, meanwhile washing the cathode with a fine stream 
of water from a wash bottle. As soon as the beaker is completely re- 
moved, disconnect the current, replace the electrolysis beaker by one 
containing distilled v r ater, and run the stirrer for a moment. Repeat 
this washing with another portion of distilled water, then disconnect 
the battery, remove the cathode, rinse it in a beaker of acetone, dry on 
a watch glass for 5 minutes in an oven at 1 10°C, cool in a desiccator, and 
weigh. The deposit should be bright yellow or orange in color. Dupli- 
cate results should agree within 0.5 mg for the aliquot portions or 2.5 mg 
for the total weight of copper received. 

Note. Urea is added to remove nitrous acid, formed by reduction of nitrate iron 
in the acid solution. The reaction is 

2HN0 2 + (NH 2 ) 2 CO = 3H 2 0 + 2N 2 + C0 2 

Errors. Deposition is incomplete if the acidity is too high. Chlorides 
must be absent, since they cause attack of the anode and deposition of 
platinum on the cathode. Other metals below hydrogen in Table 25 
are deposited with the copper, if present. The most probable sources 
of error are oxidation due to incomplete washing and to prolonged dry- 
ing, and mechanical loss of sample from the electrode. 


Analysis of Copper-nickel Solution 

This determination provides an excellent and simple demonstration 
of the technique of separation of two metals by electrolysis. The sam- 
ple is a prepared solution containing copper and nickel sulfates in sul- 
furic acid. The concentrations are such that a weighed 10-g portion will 
contain 50-100 mg of each constituent. Copper is deposited from a 
sulfuric acid solution. Nitric acid is not added in this case, because 
nitrates prevent deposition of nickel; if the acid is used for the copper 
deposition, it must be removed by evaporation before nickel is deter- 
mined. After the copper is completely removed, the solution is made 
alkaline with ammonium hydroxide, in order to repress the hydrogen- 
ion concentration to a sufficient degree to permit deposition of nickel, 
and the nickel is electrolyzed. 
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Procedure. Obtain 20-30 ml of sample solution in a dry glass- 
stoppered bottle. Weigh a weighing bottle to the nearest milligram, 
add 10 ml of sample solution by means of a dry pipet or graduated 
cylinder, stopper the bottle, and reweigh. Transfer the sample quanti- 
tatively to a tail-form 200-ml electrolytic beaker. Prepare the elec- 
trodes as directed in the preceding exercise. Add 2-3 ml sulfuric acid 
to the sample, and electrolyze the copper as directed on page 448, be- 
ginning with the star. Continue electrolysis until no further deposit is 
obtained when the liquid level is raised. (The color test cannot be used, 
since nickel gives a blue color with ammonia.) When deposition of 
copper is complete, remove the beaker, and wash the electrodes as in 
the preceding exercise, but take care to save all the solution and wash- 
ings. Weigh the copper, and without removing the deposit return the 
electrode to the holder. Place a strip of litmus paper on the side of the 
beaker, so that it just dips into the liquid, neutralize the solution with 
concent rated ammonium hydroxide, and add 15-25 ml ammonium 
hydroxide in excess. If the volume of liquid is such that the beaker is 
nearly filled, transfer the solution to a larger beaker of such size that 
the height of liquid is sufficient to nearly cover the electrodes. Place 
the sample beaker in position, and electrolyze the nickel for 30-45 min- 
utes, at a current of 1-2 amperes. At the end of this time test for com- 
plete deposition by withdrawing a 1-ml portion and adding ammonium 
sulfide solution. If any color is developed, discard the test portion, and 
continue the electrolysis until deposition is complete; then remove the 
solution as instructed for copper, washing the electrode with a stream 
of water as the beaker is withdrawn. Rinse twice in distilled water and 
once in acetone, dry the electrode 5 minutes, and weigh. Report the 
percentage of copper and nickel in the sample. Duplicate results should 
agree within 1 mg for the weight of each constituent. Clean the elec- 
trode (cathode) as previously directed before beginning another de- 
termination. 


ANALYSIS OF BRASS 

The analysis of brass is a good example of a combined chemical and 
electrolytic determination. Because of the commercial importance of 
brass, as well as the variety of methods utilized in its analysis, this de- 
termination is widely employed as a student exercise. The composition 
of brass is approximately the following: 


Cu 

60-90% 

Zn 

0-20 

Sn 

0-10 

Pb 

0-20 

Fe 

0- 3 
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Other elements may be present in small amounts, but they are seldom 
determined in the analysis. 

Methods of Analysis 

The methods given for brass may in general be used for the same 
constituents in other copper alloys, such as the bronzes. These methods 
are largely based on the procedures of the American Society for Testing 
Materials. In the ASTM methods separate samples are taken for the 
tin determination and for the copper-lead determination, because of 
the widely different amounts of these constituents; in student analyses 
all the constituents listed above may be determined from a single sample. 
If increased accuracy is desired for the tin analysis, a large portion may 
be taken to start the analysis, and after removal of tin one-fifth aliquot 
portions may be used for the other constituents. 

Tin. The sample is dissolved in nitric acid. Tin forms hydrous 
stannic oxide Sn0 2 - rfl 2 0, which remains as a precipitate when the 
other constituents go into solution. It is separated by filtration, ignited, 
and weighed as the anhydrous oxide. The precipitate is always con- 
taminated with some copper, lead, and iron. In exact analyses it is 
necessary to purify by fusing the precipitate with a mixture of sodium 
carbonate and sulfur, which converts the tin into soluble sodium sulfo- 
stanriate, while leaving the impurities as sulfides. The fused sample is 
leached with water, the soluble sodium sulfostannate is brought into 
solution, and the sulfides are separated by filtration. They are ignited to 
oxides, and the weight is subtracted from the weight of impure stannic 
oxide. The recovered impurities are dissolved in nitric acid and added 
to the bulk of solution from which tin has been separated. An alterna- 
tive method of purification is to mix the impure stannic oxide with 
ammonium iodide and heat. Stannic iodide is volatilized quantitatively, 
leaving the iodides of copper, lead, and iron. These are converted to 
the oxides by treatment with nitric acid, evaporation, and ignition. 

Lead. In industrial laboratories lead is commonly determined by 
deposition as Pb0 2 simultaneously with the deposition of Cu. This 
method is not recommended for student use; it is preferable to remove 
lead as the sulfate prior to electrolysis of copper. The sample solution, 
after removal of tin, is acidified with sulfuric acid and evaporated until 
all nitrates are removed. On dilution lead sulfate precipitates. It is 
separated by filtration with a porous-bottom crucible, since a filter 
paper cannot be used, and is dried and weighed as the sulfate. 

Copper. Usually copper is determined electrolytically, after removal 
of lead, as described in the preceding section. When electrolytic equip- 
ment is not available, a gravimetric method based on precipitation as 
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cuprous thiocyanate may be used. This precipitate is very bulky, and, 
when this method is used, it is desirable to work with an aliquot portion 
rather than the whole sample. 

In the thiocyanate method copper is reduced to cuprous ion by treat- 
ment in acid solution with bisulfite. CuSCN is then precipitated by 
addition of ammonium thiocyanate. The bulky precipitate is filtered 
out by means of a porous crucible, dried, and weighed as CuSCN. 
Alternatively, it may be dissolved in nitric acid and the copper deter- 
mined iodometrically as described in Chapter 13. 

Iron. After removal of copper, the solution is treated with bromine 
or nitric acid to oxidize the iron to the ferric state. Hydrous ferric 
oxide is precipitated by the addition of ammonium hydroxide. The 
precipitate may be ignited to the oxide and weighed, or dissolved and 
the iron determined volumetrically. Student samples frequently con- 
tain so little iron that this determination is often omitted. Consult 
the instructor before starting it. 

Zinc. In many commercial analyses zinc is determined by difference. 
When an independent determination is desired, zinc may be precipitated 
as sulfide, after removal of the other constituents, converted to the 
sulfate, and weighed as such. Alternatively, the zinc may be precipi- 
tated as zinc ammonium phosphate and ignited to the pyrophosphate, 
as in the determination of magnesium. 


Procedure 

Tin. Wash the sample, which should be in the form of turnings, with 
ether or benzene to remove oil (not usually required for student sam- 
ples). Dry with filter paper. Weigh out 1-g portions into 150-ml 
beakers, and slowly add to each 25 ml nitric acid (1:1), taking care 
that the reaction (note 1) does not become too violent. Cover the 
beaker with a watch glass supported on glass hooks, and evaporate on 
a steam bath to a volume of 10 ml. Dilute to 50 ml, digest {do not 
boil) at 80-90 °C for 10 minutes, and filter while hot. Addition of 
macerated filter paper may prove advantageous if the amount of pre- 
cipitate is large. Wash the precipitate 10-20 times with hot nitric acid 
(1:20). Reserve the filtrate and washings. Transfer the precipitate to 
a porcelain crucible, char the paper at a low temperature, and ignite. 
Complete the ignition to constant weight by use of a blast lamp or 
Meker burner for half-hour periods. From the weight of stannic oxide, 
Sn0 2 , calculate the percentage of tin in the sample (note 2). 

Notes. 1. The reaction is 


3Sn + 4NO s - + 4H+ + i/HjO = 3Sn0»-xH 2 0 + 4NO 
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2. If purification of the stannic oxide is desired (consult instructor) proceed as fol- 
lows: Mix the impure stannic oxide in the crucible with eight times its weight of a 
mixture of equal parts of anhydrous sodium carbonate and sulfur. Cover the crucible, 
and heat, with a small flame, until sulfur ceases to burn at the edge of the cover. Cool, 
place the crucible and cover in a 250-ml beaker, and add sufficient water to cover 
both. Warm until the fused mass is completely dissolved, remove the crucible and 
lid, and wash in a stream of water. Add 0.2-0.5 g sodium sulfite, and boil for a few 
minutes to decompose the polysulfides present. Filter through a small paper, and 
wash thoroughly with dilute ammonium sulfide solution which should contain no 
polysulfide. Transfer the paper and precipitate to a porcelain crucible, and ignite to 
constant weight. Deduct the weight of this precipitate from the total weight of 
impure stannic oxide. Dissolve the residue in dilute nitric acid, and add the solution 
to the main filtrate, which contains the other constituents. 

Lead. Add 4 ml sulfuric acid to the filtrate from the tin precipitate, 
and expel nitric acid by evaporating (note 1) until fumes of sulfur tri- 
oxide are evolved. Cool, wash down the sides of the beaker with a little 
water, and again evaporate until fumes are evolved. Cool, add 25 ml 
water, and digest on the steam bath for 30 minutes (note 2), then add 
50 ml water, and allow the solution to stand until it is at room tempera- 
ture. Filter through an ignited and weighed filtering crucible (note 3), 
and wash with small portions of sulfuric acid (1 :20). Reserve the filtrate 
and washings for the determination of copper. Ignite for 30 minutes by 
placing the filtering crucible inside a plain porcelain crucible and heat- 
ing the porcelain crucible to dull redness. From the weight of lead 
sulfate, calculate the percentage of lead in the sample. 

Notes. 1. The solution must be evaporated in order to remove nitric acid, which 
markedly increases the solubility of lead sulfate. Use a hot plate {Hood). 

2. Prolonged digestion is necessary, after evaporation and dilution, in order to 
bring all sulfates other than lead into solution. 

3. A filtering crucible is necessary for ignition of the precipitate of lead sulfate, 
since this precipitate is easily reduced by carbon if a filter paper is used. The ignition 
temperature must be sufficiently high to volatilize sulfuric acid and occluded water, 
but must not exceed 500 °C since lead sulfate is decomposed above this temperature. 

Copper. Evaporate the combined filtrate and washings from the 
lead determination to less than 100 ml, and transfer quantitatively to 
a 200-ml electrolytic beaker. Add 1 ml nitric acid, and electrolyze 
according to the procedure on page 448, beginning with the star. Re- 
port the percentage of copper in the sample. Reserve the solution 
for the zinc determination. 

Iron. If this determination is desired (consult instructor), transfer 
the solution from the electrolytic beaker to a 400-ml beaker, and pre- 
cipitate iron by addition of ammonium hydroxide following the pro- 
cedure of page 386, beginning at the star. Ignite, and weigh as Fe 2 C> 3 . 
Report the percentage of Fe. Reserve the filtrate and washings from 
both precipitations for the determination of zinc. 
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Zinc as Pyrophosphate. If iron was not determined (note 1), trans- 
fer the solution from the electrolytic beaker to a 400-ml beaker. Dilute 
to 150 ml, and neutralize with 6 N ammonium hydroxide to the methyl 
red end point. Heat nearly to boiling, and slowly add 30 ml of a solu- 
tion prepared by adding 20 g diammonium hydrogen phosphate to 
80 ml water (note 2). Digest one-half hour on the steam bath, with fre- 
quent stirring, allow to stand until the solution is at room temperature, 
and filter through a previously ignited and weighed Selas or Gooch 
crucible. Wash with dilute diammonium phosphate solution (note 3) 
until a test portion acidified with HN0 3 gives no precipitate with silver 
nitrate. Complete the washing by using several small portions of a 
mixture of equal volumes of alcohol and water, to remove the diam- 
monium hydrogen phosphate from the precipitate. Allow the precipi- 
tate to suck dry after each addition of alcohol wash. 

Dry the crucible and precipitate in an oven, and ignite over a Meker 
burner, inside a protecting crucible. Heat for 30-minute periods until 
constant weight is obtained. From the weight of Zn 2 P 207 compute 
the weight of Zn in the sample. 

Notes. 1. If iron was determined, it is necessary to destroy ammonium salts 
before starting the zinc determination. Add to the combined filtrates from the first 
and second precipitations of iron 25 ml each nitric and hydrochloric acids, and evapo- 
rate until fumes of sulfur trioxide arc evolved. Dilute to 150 ml, and proceed with 
the zinc determination. 

2. The solution should be just neutral to phcnolphthalein. Add a drop of indicator, 
and adjust if necessary by adding very dilute ammonium hydroxide until a faint 
pink color is obtained. 

3. Prepare the wash liquid by diluting 1 volume of the 20 per cent solution with 
20 volumes of water. 


Alternative Procedure for Copper 

Copper as Thiocyanate. Combine the filtrate and washings from 
the lead determination. Concentrate to about 200 ml if the volume is 
greater than this. Transfer quantitatively to a 250-ml volumetric flask, 
dilute to the mark, and mix. Withdraw two 50-ml aliquot portions 
into Erlenmeyer flasks. 

Neutralize with sodium hydroxide until a precipitate just begins to 
form, and then add 30-50 m e sulfuric acid of any convenient strength. 
Pour in with stirring 20 ml approximately 0.5 M sodium or ammonium 
bisulfite solution, and then add (note 1) slowly from a pipet 10 ml approx- 
imately 1 M ammonium or potassium thiocyanate solution. Stopper 
the flask to prevent escape of S0 2 , and allow to stand 1-2 hours. At the 
end of this time the precipitate should be white (note 2) and the liquid 
above it clear. 
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Filter through a Selas or Gooch crucible that has been brought to 
constant weight at 120°C. Wash 10 times with 10-ml portions of a 
solution which contains about 1 g per liter ammonium thiocyanate and 
0.1 g per liter of ammonium bisulfite, and then wash 6 times with 10-ml 
portions of a solution containing 20 ml alcohol to 80 ml water. The 
washings need not be saved, for, if zinc is to be determined, a larger por- 
tion should be used than the one-fifth aliquot employed for the copper. 
Dry at 120°C, and weigh as CuSCN. Alternatively, the instructor may 
direct to dissolve the precipitate in nitric acid and determine the copper 
iodometrically. 

Notes. 1. A more crystalline precipitate may be obtained by heating before the 
addition of thiocyanate, but precipitation in the cold followed by standing is usually 
recommended. 

2. If the precipitate is dark colored, test the thiocyanate for presence of sulfide. 
A small amount of sulfide will darken the precipitate but not seriously affect the result 
of the analysis. 
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QUESTIONS 

1. Define electrolyte, electrolysis, coulomb, ampere, volt, ohm, current density, 
cathode, cation, overvoltage, decomposition voltage. 

2. In electrodepositions w'hy 

(a) Are gauze electrodes used? 

(b) Are solutions stirred? 

(c) Does the current decrease as the electrolysis proceeds unless the applied 

voltage is raised? 

3. How may direct current be obtained from a 110- volt a-c source? What equip- 
ment is needed? 

4. Explain how the use of a mercury cathode permits deposition of ions which 
cannot be deposited on platinum cathodes. 

5. Why is it desirable, in separations by electrolysis, that one substance be above 
hydrogen and the other below hydrogen in the electrochemical series? May any 
metals which are above hydrogen in the electrochemical series be deposited by 
electrolysis? Explain. 

6. What are the products of the following electrolyses: 


Cathode 

Electrolyte 

Anode 

Pt 

NaNO s 

Pt 

Pt 

KI 

Pt 

Pt 

KI 

Ag 


7. Which of the following ions is likely to interfere in the electrolytic determination 
of copper: PtCU“, K + , Ag + , Zn ++ ? 
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8. Why is the ignited SnC >2 precipitate sometimes tinged with color? 

9. Why is the solution evaporated to S0 3 fumes in the determination of lead as 
sulfate? 

10. What is the reducing agent in the determination of copper as thiocyanate? 


PROBLEMS 

1. A brass is 4.57 per cent Sn, 7.63 per cent Pb, 68.42 per cent Cu, and the re- 
mainder Zn. From a 0.5000-g sample: 

(a) What weight of Sn02 would be obtained? 

(b) If the lead had been determined electrolytically, what would a Pt anode 

which weighs 17.6512 g weigh after deposition is complete? 

(c) What weight of cuprous thiocyanate would be obtained? 

2. What time will be required for the deposition of 1.1200 g lead as the metal, by 
a current of 3.000 amperes? What time will be required for the deposition of this 
amount of lead as the dioxide, using the same current? 

3. A 0.7500-g sample of alloy yields by electrolysis 0.1532 g of a mixture of cobalt 
and nickel. The precipitate is dissolved and the nickel precipitated by addition of 
dimethylglyoxime, giving 0.3560 g Ni(C 8 Hi 4 N 404 ). Use the empirical factor 0.2032. 
Calculate the percentages of Co and Ni in the sample. 

4. A current of 0.5 ampere is passed through a solution of copper sulfate between 
platinum electrodes 10 cm 2 in area for 1 hour. What is N.D.ioo (assume that only 
one side of each electrode is effective)? How many grams of copper are deposited? 
How many milliliters of oxygen, at 25 °C and 750 mm pressure, are evolved at the 
anode? 

5. What is the current density if a current of 1 ampere is sent into a platinum 
leaf electrode which is 1 X 2.5 cm? 

6. A solution is originally 0.1 M in Cu' 1 " 1- and has a pH of 1.2. What is the pH 
of the solution after 99.9 per cent of the copper has deposited and the corresponding 
amount of oxygen has been liberated at the anode? Assume no II 2 is liberated. 

7. In the analysis of a solution which contains Cu ++ and Pb ++ the deposition of 
copper is followed by the liberation of H 2 and the deposition of PbOa by the libera- 
tion of O 2 . In the analysis of a 100-ml portion of a solution whose density is 1.02 
and which contains 6 per cent Cu and 5 per cent Pb, is H 2 or O 2 liberated first? 

8. A solution is 0.1 M in Cu ++ , 0.1 M in Pb ++ , and 1M in H + . What is the 
concentration of H + when the deposition of Cu and PbC >2 is complete? Assume no 
evolution of hydrogen or oxygen. 

9. The bivalent metals A and B are to be separated by electrolysis. What differ- 
ence in the single-electrode potentials is necessary to permit the concentration of B 
to be reduced to 10 -6 M while the concentration of A is 0.1 Ml Compare the answer 
with the known potential differences for feasible electrolytic separations. 

10. A solution contains Cu ++ , Ag + , and H + , each at a concentration of 0.1 M. 
Neglect overvoltage, and 

(a) Calculate the decomposition potential for the deposition of Ag and the 

liberation of O 2 at the anode. 

(b) Calculate the decomposition potential for the deposition of copper and the 

liberation of O 2 at the anode. 

(c) At what concentration of silver does the copper begin to deposit? 

11. Find the decomposition potential for a 0.1 M CuSC >4 solution which is also 
1 M in H 2 SO 4 and is to be electrolyzed between smooth platinum electrodes at a 
current density such that the numerical magnitude of the overvoltage of oxygen is 
0.5 volt. 
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12. Recalculate the decomposition potential for Problem 11 after 50 per cent 
of the copper has deposited. Include in the calculation the increase in hydrogen 
ion concentration. 

13. If the overvoltage of hydrogen on copper is 0.8 volt, at what concentration of 
cupric ion will hydrogen begin to deposit at the cathode in the electrolysis described 
in Problem 11. For the purposes of estimating the hydrogen-ion concentration 
assume that the deposition of copper is essentially complete. 

14. What is the minimum concentration of zinc ion that will permit the deposition 
of zinc from a solution of pH 7? Assume that a zinc cathode is used and that the 
overvoltage of hydrogen on it is 0.6 volt. 

15. Calculate the concentration of hydrogen ion necessary to permit deposition 
of sodium from a solution of 0.01 M NaCl, assuming no hydrogen overvoltage. What 
overvoltage of hydrogen would be required, in order that sodium be deposited from a 
solution in which the concentration of hydrogen ion is 10 -13 M ? If a mercury cathode 
is used, how will it affect the results of the above calculations? At what concentra- 
tion of hydrogen ion may sodium be deposited from a 0.001 M salt solution if the 
amalgam contains 0.1 g sodium per 50 g mercury and the overvoltage of hydrogen is 
1 volt? 



CHAPTER 



Electrometric Titrations 


Titrations in which the end point is determined by observation of the 
emf of an electric cell are known as electrometric titrations. In all 
electrometric titrations the solution being titrated forms a half-cell 
which is joined to a standard reference half-cell. If the half-cell com- 
posed of the electrode and the titration solution is one whose electrode 
potential depends on the concentration of an ion in the solution, the 
emf of the system provides a measure of the concentration of that ion. 

Three types of electrometric titrations are widely used, corresponding 
to the three types of volumetric analyses. 

1. Acid-base titrations. A hydrogen electrode dips into the titration 
solution. This together with a calomeJ half-cell forms the cell, 

Pt, H 2 , H + (-Of) || KC1 (1 M), Hg 2 Cl 2 , Ilg 

whose emf is a function of the pH. 

2. Oxidation-reduction titrations. The cell consists of the system 

Pt, oxidizing agent + reducing agent || KC1, IIg 2 Cl 2 , Hg 

The emf depends on the relative concentrations of the oxidized and 
reduced forms of the substance which is titrated. 

3. Precipitation titrations. The electrode is the metal whose ion is 
taking part in the formation of the precipitate. For example, in the cell, 

Ag, Ag+ || KC1, Hg 2 Cl 2 , Hg 

as precipitation of a silver salt takes place, the concentration of silver ion 
changes, thereby changing the emf of the cell. 
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THEORY 

Acid— base Titrations 

Hydrogen Electrode. The relation between pH and the emf of the 
cell may be shown by the methods of Chapter 15. 

II 2 = 2H+ + 2e E° = 0.00 

2TTg + 2Cr = HgjCl* +2e E° = -0.28 


H 2 + IlgaCls = 2H+ + 2IIg + 2C1- E° i_ 2 = 


E 1-2 


0.28 


0.059 [H+] 2 [Hg] ? jCr] 2 

~2~ log 


0.28 


Since everything except H + is at standard state, this reduces to 


Solving, we have 


0.059 

Ei - 2 = 0.28 2 — log [H“* | 2 

= 0.28 - 0.059 log [H + ] 
= 0.28 + 0.059pII 


E i-2 — 0.28 

nil = 

F 0.059 


Since the equation involves a linear relation between emf and pH, it 
is obvious that the sharp rise in pH at the stoichiometric point of a 
titration is attended by a sharp rise in the emf of the hydrogen-calomel 
cell. The titration curves of Chapter 9 are readily converted into 
electrometric titration curves by transforming the y - axis into emf values 
corresponding to the pH values given. 

Quinhydrone Electrode, The hydrogen electrode is not widely em- 
ployed for actual electrometric titrations, because the platinized surface 
readily becomes poisoned, thereby giving rise to misleading emf values. 
Many substitutes for the hydrogen electrode have been used to give an 
emf which is proportional to the pH of the solution. Two of these are 
extensively used — the quinhydrone electrode and the glass electrode. 

The quinhydrone electrode consists of a polished platinum electrode 
dipping into a solution which is saturated with quinhydrone. This is in 
reality an oxidation-reduction system, but a system in which the pH 
affects the emf. The relation is shown in the following section. A nor- 
mal calomel electrode, as reference electrode, usually completes the 
circuit. 

The oxidation-reduction system of the quinhydrone electrode is that 
of quinone and hydroquinone, as shown in the equations: 
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+ 2H + + 2e ^ 


i 

Quinone Hydroqumone 

Quinhydrone, itself, is an equimolar compound of quinone and hydro- 
quinone ; therefore in a saturated solution of quinhydrone the concentra- 
tions of the oxidized form and the reduced form are equal, and the emf 
of the system 

Hg, Hg 2 Cl 2 , KC1 (1 M) || Q + H 2 Q, H+, Pt 

depends only upon the concentration of hydrogen ion. The relation is 
readily shown: 

2Hg + 2Cr = Hg 2 Cl 2 + 2e E° = -0.28 

H 2 Q = Q + 2H+ + 2c E° = -0.70 




2Hg + 2C1- + Q + 2H+ = Hg 2 Cl 2 + H 2 Q E° i_ 2 = +0.42 


E\—2 — 0.42 


0.059 [Hg 2 Cl 2 ][H 2 Q] 

2 ° g lIIg] 2 [Cl-] 2 lQ][H+j 2 


Since Q and H 2 Q are present in equimolar quantities and 


standard state, this reduces to 

Ei-2 = 0.42 - 


0.059 

2 


log 


1 


everything but H + is at 


= 0.42 - 0.059 


log 


1 

[H+] 


= 0.42 - 0.059pH 


yH 


0.42 - E \— 2 
0.059 


It should be noted that according to this equation the emf becomes zero 
at a pH of 7.1. At higher pH values the emf becomes negative in sign; 
that is, the mercury electrode is then the positive electrode. 

A disadvantage of the quinhydrone electrode is that it is not accurate 
at pH values above 8-9. Hydroquinone is a weak acid; in basic solu- 
tions the equilibrium between quinone and hydroquinone is shifted to 
the formation of soluble hydroquinone ion; the ratio H 2 Q/Q is no longer 
equal to unity, and the derived pH equation is no longer valid. Excess 
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Glass Electrode and pH Meter 

acid, on the other hand, does not disturb the Q-H 2 Q ratio, because it 
merely represses the ionization of the hydroquinone present. The elec- 
trode cannot be used in solutions of high salt content because the sol- 
ubilities of the two forms are affected to a different extent by the elec- 
trolyte. 

Any other oxidation-reduction system in which hydrogen ion is a 
reactant may be used for pH determinations, provided the ratio of 
oxidized and reduced forms can be kept at a constant value; this, of 
course, means that the solution must be saturated with respect to both 
forms. It is this feature that gives the quinhydrone electrode its unique 
value. 

Glass Electrode and pH Meter. The modern method for the de- 
termination of pH is by use of a special pH meter which is a potentiom- 
eter so arranged that the dial readings give pH units directly. The prin- 
ciple of operation is based on an emf developed at a glass membrane 
interposed between the solution whose pH is to be measured and a 
buffer solution of known pH. The electrode system as usually made up is 

Reference electrode || solution of unknown pH, glass membrane, 
buffer of known pH || reference electrode 

The instrument is so constructed that the solution whose pH is to be 
measured is placed in a small cup which is connected by a salt bridge to 
one of the reference electrodes. The glass electrode, which is a glass 
membrane of special composition sealed across the end of a small tube, 
is dipped into the cup and is connected through another salt bridge to 
the second reference electrode. Various types of reference electrodes 
are employed. Most common are silver-silver chloride-HCl and mer- 
cury-calomel-KCl, but occasionally a quinhydrone electrode in a 
buffer solution of known pH is used for reference. 

To illustrate the principle of the glass-electrode pH measurements we 
shall develop the pH-emf equation for a typical setup. The cell whose 
emf is measured is 

Hg, Hg 2 Cl 2 , KC1 (sat.) [| H+(XM), glass, H+(10" 7 M) 

|| KC1 (sat.), Hg 2 Cl 2 , Hg 

This cell may be treated as two separate cells operating in series, with 
the glass electrode replaced by two hydrogen electrodes whose platinum 
poles are joined so that electrons can flow from one to the other. The 
net result from the operation of such a system is the same as in the opera- 
tion of the glass electrode; namely, hydrogen ions are transferred from 
one concentration to another, and the emf depends on the ratio of the 
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hydrogen ion concentrations in the two solutions. The cells equivalent 
to a glass electrode may be written as 

Hg, H g2 Cl 2 , KC1 1| H+ (XM), H 2 , Pt Pt, H 2 , H+ (1CT 7 M) || KC1, Hg 2 Cl 2 , Hg 

i i \ J 

cell A cell B 

Since the cells are connected in series the overall emf is the sum of the 
two or 

E = E a + Eb 

The two separate emf values can be computed by the methods of 
Chapter 15, using as the E° value of the saturated calomel electrode 
—0.246. This gives 

E A = -0.246 - 0.059 pH 
E b = +0.659 

Adding and solving for pH gives 

0.413 - E 


In practice the value of pH is not determined by use of this or similar 
equations. Rather the potentiometer dial is calibrated to read directly 
the pH value, since this is a linear function of the emf. It is necessary 
to check pH meters by taking a reading with buffers of known pH 
value and correcting the dial setting to give the proper reading. 

When used in solutions of high pH or with high concentrations of 
salts, particularly of sodium ion, it is necessary to apply a correction 
factor to the meter readings. The manufacturers of meters supply 
tables of salt corrections for various concentrations. 


Oxidation-reduction Titrations 

The course of an oxidation-reduction titration may be followed by 
measurement of the emf between a platinum electrode immersed in the 
titration solution and a calomel reference electrode, arranged as in 
Fig. 36 but with a plain platinum electrode in place of the hydrogen 
electrode. Reference to this system is made in Chapter 15, and it is 
shown that the emf changes with the ratio in concentrations of the 
oxidized and reduced forms of the substance that is being titrated. We 
may for illustration consider the cell, 

Calomel electrode || ferrous-ferric ion solution, Pt 
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Following the methods of Chapter 15, the emf is related to the concen- 
tration as follows: 


2Hg + 2C1- = Hg 2 Cl 2 +2e E° 0.28 

2Fc++ = 2Fe+++ + 2e E° = -0.77 


2Hg + 2C1- + 2Fe+++ = Hg 2 Cl 2 + 2Fe ++ E° i_ 2 = +0.49 

„ n , 0 0.059 [Hg 2 Cl 2 ][Fe++] 2 

E i _2 = 0.49 — log - 


2 [Hgj 2 [Crj 2 [Fe +++ ] 2 

Or, since everything else is at standard state except Fe ++ and Fe“ f " f ‘ + , 

„ 0.059 , [Fe ++ ] 2 

Ei-2 = 0.49 — log - 


1 [ Fe +++] 2 
r Fe ++ i 

= 0.49 - 0.059 log 

rFe +++ i 

= 0.49 +0.059 log [^rj 


From this equation we see that, as ferrous ion is oxidized, the voltage 
of the cell rises, and the course of the titration can be followed by a 
titration curve as shown in Fig. 34. The stoichiometric point is the 
midpoint of the vertical portion of the curve. 

A given titration, say oxidation of ferrous ion, will give the same type 
of curve, regardless of the oxidizing agent used. The height of the verti- 
cal portion, however, is determined by the strength of the oxidizing 
agent. The stronger the oxidizing agent, the greater the length of this 
portion and the steeper the curve in the vicinity of the stoichiometric 
point. For a given oxidizing agent one can compute the potentials and 
construct a theoretical curve just as was done for neutralization titra- 
tions in Chapter 9. 

For illustration we may consider the titration of 5 m mol ferrous ion 
by 0.1 M ceric sulfate solution; the volume of the titration solution is 
immaterial because we need only to know the ratio of ferric- to ferrous- 
ion concentrations. The computation of the emf values for various 
additions of oxidizing agent is made as follows : 

1. Beginning of the titration. No computation can be made for this point, because 
we do not know the concentration of ferric ion in the solution before any oxidizing 
agent is added. (This amount will depend on the previous history of the ferrous 
solution used.) We do know that some ferric ion must be present, because otherwise 
the initial voltage of the cell would be minus infinity if the concentration of ferric ion 
were zero. Usually it is found that the cell has a small positive emf before any 
oxidizing agent is added and that the addition of the first drop of oxidizing agent 
causes a marked voltage rise. 
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2. Partial oxidation. For illustration we may compute the emf when 20 ml ceric 
sulfate solution has been added. At this point the solution contains 2 m mol ferric 
ion and 3 m mol ferrous ion. The ratio [Fe +++ ]/[Fe ++ ] has the value 0.67, and the 
emf is 0.48 volt. 

3. Half oxidation . When the solution is half oxidized the concentration of ferrous 
ion is equal to the concentration of ferric ion, and the emf is that of the solutions 
at standard state or 0.49 volt. 

4. Stoichiometric point . It was shown in Chapter 15 that at the stoichiometric 
point for this titration, 



Therefore, 1 

Ei- 2 = 0.49 + 0.059 log 10 712 
= 0.91 

5. Past the stoichiometric point. When excess ceric ion has been added, the ferric- 
ferrous ratio is computed from the equilibrium constant for the ceric -ferrous reaction. 
Substitution of this value for the ratio gives the emf at any desired point. For 
example we will compute the emf when 6 m mol Ce ++++ has been added. The 
number of millimols of each substance is: 

Fe +++ - 5 
C e +++ = 5 
Fe ++ = X 

Q e ++++ = i (since there is 1 m mol in excess of that required to react with 
all Fe ++ ) 


From Chapter 15 we have the relation that at equilibrium in this reaction, 

[Ce+ ++ ][Fe+ ++ ] 


0 = 0.84 - 0.059 log 


[Ce ++ - f +][Fe++] 


0 = 0.84 - 0.059 log - 


, rFe+ + +l /5\ 0.84 

l0g L Fe ++ J ° S \x) 0.059 ° g 


This gives 


= 14.2 - 0.7 = 13.5 
E 1-2 = 0.49 + 0.059 log 10 13 B 


= 1.29 volts 


When computations are made in this manner for the complete titra- 
tion and the curve is plotted, it is found that the results will not be 
identical with the results obtained experimentally. This happens be- 

1 In the computation of Chapter 15 we found a stoichiometric emf of 1.19 volts. 
The difference is that in the previous computation a normal hydrogen reference 
electrode was used and in the present case a calomel electrode is employed. 
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cause of the effects of other ions present in the solution, as explained in 
the following section. 

Effect of Acids. It is shown in Chapter 15 that the concentration 
of hydrogen ion will affect the oxidation potential of any redox system 
in which hydrogen ion is a reactant. For example, in the expression for 
the potential of the permanganate-manganous system the concentra- 



Fig. 34. Potentiomctric titration of ferrous iron in normal perchloric, sulfuric, 
nitric, and hydrochloric acids. (Reproduced by permission of G. F. Smith and C. A. 

Getz, Ind. Eng. Chem. Anal. Ed. 10, 191.) 

tion of hydrogen ion appears as the eighth power. It might be expected 
that in redox systems that do not involve hydrogen ion the potential 
would be independent of the hydrogen-ion concentration or the presence 
of other ions. The curves of Fig. 34 show, however, that the oxidation 
potential of the ceric-cerous system is greatly affected by the kind of 
acid present and that the potential of the ferric-ferrous system is also 
affected. The first point shown on each of these curves gives the half- 
way potential, where ferrous and ferric ions are present in equal amount; 
therefore this point represents the apparent normal electrode potential. 
Likewise the last point on each curve gives the potential when ceric and 
cerous ions are present in equal amount. It may be noted that the 
apparent E° value for the Fe ++ - Fe +++ electrode varies from 0.68 to 
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0.75 and that the apparent E° value for the Ce ++++ - Ce +++ elec- 
trode varies from 1.27 to 1.70. These variations may be due to two 
causes: either to large deviations of the activities of the ions from the 
stoichiometric concentrations, or to complex formation between the 
anions of the acids and the ions of the redox reagents. Possibly both 
effects are of importance. If complex ions are formed with the anions 
of the acids employed, the effect may be to increase or to decrease the 
apparent normal potential. From the equation, 

[Fe +++ ] 

E = E° + 0.0591 log-— — 

[Fe ++ ] 

we see that the emf should be the E° value when ferrous and ferric ions 
are present in equal amount. When the ferrous-ion concentration is 
decreased, owing to complex-ion formation, the value of the ratio is 
increased, and the emf is greater than the true E° value. On the con- 
trary, when the concentration of ferric ion is decreased, through complex 
formation, the value of the ratio is decreased, and the emi is smaller 
than the true E° value. The very large deviations found for the ceric- 
cerous potential in various media suggest that probably we arc not 
dealing with the simple Ce ++++ and Ce +++ ions at all, but that these 
ions are in solution as some form of complex. Because of this it is 
doubtful whether the true E° value is known for the ceric-cerous po- 
tential. 


Precipitation and Complex-formation Titrations 

The course of precipitation and complex-formation titrations is readily 
followed by electrometric methods, provided there is available an elec- 
trode that will be at equilibrium with one of the ions involved in the 
reaction. As an example, we may take the precipitation of silver chloride 
by titration of silver ion with chloride ion. The cell is 2 

Ag, Ag+ (x M) || KN0 8 || KC1 (1 M), Hg 2 Cl 2 , Hg 

The silver electrode dips into the titration solution. As the concentra- 
tion of silver ion is changed, the emf changes, according to the equation 
(readily derived by the methods of Chapter 15) : 

E = E\ e - £° calome i - 0.0591 log [Ag+] 

2 An additional salt bridge of potassium nitrate is interposed between the silver 
solution and the potassium chloride solution, to prevent accidental introduction of 
chloride ion into the silver-ion solution. 
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At the stoichiometric point there is an abrupt change in the silver-ion 
concentration, and a corresponding change in voltage of the cell. 


EXPERIMENTS 

Potentiometer. The emf of cells must be measured by a potenti- 
ometer in order to make the measurement without withdrawing current. 
A simple form of potentiometer is shown in Fig. 35. The working bat- 
tery W applies a potential to the slide- 
wire bridge R, which has a resistance 
of 200-1000 ohms. The cell to be 
measured, X, is connected so as to be of 
opposite polarity to IV. The slide S is 
moved until the potential drop in R is 
equal and opposite to that of X. This 
potential drop is then determined by 
reading the voltmeter V. The condition 
of balance is found by noting the deflec- 
tion of galvanometer G. The tapping 
key K should be closed only long enough 
to ascertain whether the potentials are 
in balance. The potential of the work- 
ing battery W must be greater than the 
potential of the cell to be measured; 
otherwise no point of balance can be 
found as the slide is moved. For electrometric titrations the bat- 
tery W usually consists of one or two dry cells of 1.5 volts each. 
The voltmeter used should give full-scale deflection at a potential of 
1. 5-3.0 volts. The galvanometer is usually a portable instrument of 
low sensitivity. Unless the slide wire contains very many turns, no ad- 
vantage is gained by having a sensitive galvanometer, since even an 
instrument of low sensitivity will serve for detection of potential dif- 
ferences less than the drop between successive turns of the slide wire. 

Electrodes. A hydrogen and calomel electrode are showm in Fig. 36. 
To prepare the hydrogen electrode for use clean it in nitric acid, rinse 
well, immerse in a 1-5 per cent solution of platinic chloride, and elec- 
trolyze with 2-4 volts potential until a coat of platinum black is depos- 
ited. The electrode should be the cathode in this electrolysis, and a 
similar platinum electrode should be used as the anode. Rinse the plated 
electrode in distilled water, electrolyze for 1 minute in dilute sulfuric 
acid solution (using the plated electrode as cathode), and keep in dis- 
tilled water until needed. To prepare the calomel electrode, triturate 
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Fig. 35. Potentiometer circuit 
used for electrometric titrations. 
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calomel with mercury in a mortar in order to reduce any mercuric 
chloride present. Put the paste of mercury and calomel into the elec- 
trode vessel, and fill the vessel with a solution of 1 M potassium chloride 
which has been saturated with calomel. 

Acid-base Titrations. Assemble the apparatus as shown in Fig. 36. 
Place in the beaker a measured volume of the acid to be titrated and 



Fig. 36. Hydrogen and calomel electrode assembly for electrometric titration. 


add water until the solution covers the mouth of the hydrogen bell. 
Pass a stream of hydrogen 3 through the bell at such a rate that there is 
a steady stream of bubbles of gas escaping through the solution. Run 
a little potassium chloride from the calomel electrode vessel, so as to 
obtain a junction of fresh solution. Connect the two electrodes to a 

8 Use compressed hydrogen, from a tank, if it is available. The gas should be puri- 
fied by passage through a wash bottle filled with alkaline pyrogallol, which removes 
oxygen. If compressed hydrogen is not available, prepare the gas from arsenic-free 
zinc and hydrochloric acid, in a Kipp generator. Gas prepared in this manner should 
be purified by passage through successive wash bottles containing solutions of potas- 
sium permanganate and sodium hydroxide. 
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potentiometer. (The mercury is the + electrode.) Measure the emf. 
Titrate with standard sodium hydroxide solution, measuring the emf 
after each addition of base. Only a few measurements need be made 
until the stoichiometric point is approached, but in the vicinity of this 
point the emf should be measured after the addition of each drop of 
reagent. 4 Continue the titration 5-10 ml beyond the stoichiometric 
point, or until the addition of base causes little change in emf. Calculate 
the pH for each reading. Plot the results, as shown in Chapter 9. 

Titration with Quinhydrone Electrode. Arrange the apparatus 
as shown in Fig. 3G, except that the hydrogen electrode is replaced by a 
polished platinum electrode and no hydrogen gas is passed through the 
solution. Connect this electrode to the + terminal of the potentiometer, 
and the calomel half-cell to the — terminal. Place in the beaker a meas- 
ured volume of acid, add a few crystals of quinhydrone, and proceed 
with the titration as in the previous exercise. In the quinhydrone titra- 
tion the emf decreases. When it reaches zero, reverse the polarity of the 
electrodes, and continue the titration, recording all emf readings after 
reversal as negative values. Calculate pH values from the emf values 
obtained. Plot the titration curve. 

Oxidation-reduction Titration. Arrange the apparatus just as in 
the quinhydrone titration. Place in the beaker a measured volume of 
ferrous sulfate solution and add 10-15 ml sulfuric acid. Titrate with 
permanganate or ceric sulfate solution. Plot emf as ordinate vs. volume 
of reagent added as abscissa. The end point of the titration is recog- 
nized by the abrupt break in the curve. 
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QUESTIONS 

1. Replot the titration data given in Chapter 9 for HC1 against NaOH, with emf 
values on the y - axis for titration: 

4 Add methyl orange indicator in the titration of the first sample, so that the ap- 
proach of the stoichiometric point may be easily recognized. 
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(а) With a hydrogen and normal calomel electrode. 

(б) With a quinhy drone and normal calomel electrode. 

(c) With the glass electrode with saturated calomel electrodes and a buffer 
of pH 7. 

2. Why is not the quinhydrone electrode suitable for measuring the pH of a 
strongly basic solution? 

3. Under what pH conditions and concentrations of other ions does the glass 
electrode operate most satisfactorily? 

4. Why must an electronic voltmeter be used with a glass electrode of the conven- 
tional type? 

5. Draw in some detail the cell which could be used for the determination of 
Fe ++ by electrometric titration with KoCraOy. 

6. Describe a method for the determination of E° for the following oxidation- 
reduction systems: 

(а) Ferrous-ferric. 

(б) Quinone-hydroquinone. 

(c) Ceric sulfate-cerous sulfate. 

(d) An oxidation-reduction indicator. 

List the sources of error which might affect each of the measurements. 

7. How do you explain the fact that the stoichiometric emf found for ccric-ferrous 
titrations varies with the acid medium employed? 

8. Ferric ion forms a complex with chloride ion. If HC1 is added to an equimolar 
mixture of ferric and ferrous ions, how will the half-cell emf be changed? 

9. Which titration will have the larger emf change at the stoichiometric point, 
silver ion with chloride ion or silver ion with iodide ion? 

10. From the data cited in Question 1 (a), calculate the rate of change of emf with 
volume (A E/AV) for the volumes used in obtaining the various points in the titra- 
tion curve. Plot AE/AV as ordinate against V as abscissa. What advantage does 
this curve have in the accurate location of the stoichiometric volume in an electro- 
metric titration? 


PROBLEMS 


1. What is the emf at the stoichiometric point for the silver chloride titration if 
it is made by means of the cell, 

Hg, Hg 2 Cl 2 , KC1 (1 M) || KN0 3 || Ag+, Ag 

2. Derive equations for pH in terms of emf for the cells: 

(а) Ag, AgCl, KC1 (0.1 M) + H+ (xM), Q + H 2 Q, Pt 

(б) Ag, AgCl, HC1 (0.1 Af) || H+ (xM), H 2 , Pt 

3. If 50 ml 0.1 M silver nitrate solution is titrated by 0.1 M potassium iodide 
solution, compute the emf when the following quantities of iodide have been added: 
0, 10, 40, 49, 49.9, 50.0, 50.1, 51, 60 ml. Plot the titration curve, with emf on the 
p-axis. Use the cell of problem 1. 

4. What is the emf of each of the following cells: 


(o) 

(I b ) 

(c) 

(d) 

(e) 


Normal calomel electrode 
Normal calomel electrode 
Normal calomel electrode 


sodium acetate (0.1 M ), hydrogen electrode, 
boric acid (0.03 M ), quinhydrone electrode. 
AgNOs(0.01 M) + NH 4 OH(l M), Ag. 

Pt, H 2 (740 mm), KOH (0.001 M) || saturated calomel cell. 

Decinormal calomel cell || NH4CI (0.1 M), Q + H 2 Q, Pt. 
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5. In an electrometric titration 50 ml 0.1 M ferrous sulfate solution is titrated with 
0.1 M ceric sulfate solution. Compute the emf when 10, 20, 40, 49, 50, 51, 60 ml of 
ceric sulfate has been added (a) with a normal calomel reference electrode, and (6) 
with a hydrogen reference electrode. Plot the results obtained in (6), and compare 
with the curve given for this titration in sulfuric acid solution. 

6. If pH is determined by a hydrogen electrode combined with a normal calomel 
electrode, what is the error in the pH value when the voltmeter used is in error by 
2 mv? 

7. What is the pH when the emf of a quinhydrone-saturated calomel cell is zero? 

8. The voltage of the cell: 

Decinormal calomel cell || CH3NH3CI (0.1 M) f Q + H2Q, Pt 

is 0.02 volt. Find the pH of the methyl ammonium chloride solution and the ioniza- 
tion constant of the base. 

9. (a) Find the pH of a buffer solution in which the saturated calomel quinhy drone 
cell combination shows a voltage of 0.150 volt. 

(b) How many grams of NaAc must be added to 250 ml of 0.15 M HAc to produce 
the buffer of this problem? 

10. Develop an equation for the glass electrode when the internal reference elec- 
trode is Ag, AgCl, Cl~ (0.1 M) and the buffer in the electrode has a pH of 7.02. 

11. Develop an equation for the glass electrode when the internal reference elec- 
trode is a Pt, Q + H2Q electrode which dips in a potassium acid phthalate solution 
of pH 4. 



CHAPTER 



Use of Analytical Literature. 
Standard Samples 


It is not the objective of a beginning course in quantitative analysis 
to illustrate all the known analytical methods. As explained in Chap- 
ter 1, the student analyst should in the beginning course master the 
fundamental technique common to all methods. When this experience 
is attained, new methods may be quickly mastered without extensive 
training in all their details since they involve no technique which differs 
radically from the more common operations. It is extremely important, 
however, that the well-trained analyst know how to use the literature of 
analytical chemistry, so that when a new problem is presented he may 
avail himself of the published data concerning that problem. 


PERIODICALS 

A systematic method of attack should be employed for an analytical 
problem. First of all, the standard reference books peculiar to the type 
of analysis should be consulted. Not all methods are published in 
books. When a satisfactory treatment is not found in the reference 
books, the analyst should consult the current literature of the field. 
Several periodicals are devoted primarily to analytical chemistry; in 
addition, many analytical methods are published in the more general 
periodicals, such as the Journal of the American Chemical Society , The 
most commonly available periodicals on analytical chemistry are the 
following: The Analyst (London), Annales de chimie analytique et de 
chimie appliquee et Revue de chimie analytique reunics (Paris), Zeitschrift 
fur analytische Chemie (Munich), Journal of the Association of Official 
Agricultural Chemists , and Analytical Chemistry , formerly Industrial 
and Engineering Chemistry , Analytical Edition . The last named is the 
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most widely available in the United States. Although of recent origin, 
this periodical, which is published by the American Chemical Society, 
is already the repository of much valuable current literature. 

Few laboratories have access to the entire list of analytical publica- 
tions, and, furthermore, a complete survey of all the publications would 
require a prohibitive amount of time. In order to simplify the use of 
literature various scientific societies publish brief reviews or abstracts 
of the current literature. The most readily available of these is Chemical 
A bstracts , published by the American Chemical Society. This periodical 
gives, semi-monthly, an abstract of all papers which have appeared in 
many fields. One entire section is devoted to the literature of analytical 
chemistry; the coverage is so complete that failure to find an analytical 
method in the A bstracts is almost certain proof that no publications have 
been made in the field. Each volume is concluded with a subject and an 
author index, and in addition a decennial index is published for each of 
the periods 1907-16, 1917-26, 1927-36 and 1937-46. These indexes 
greatly simplify the labor involved in finding an analytical method, 
since through one volume the entire literature for a 10-year period may 
be traced. 

When a method cannot be found in reference books, the next step is 
to consult Chemical Abstracts . If it is thought that the subject matter 
sought will be found in recent publications, it is advisable to begin the 
search with the last complete volume by consulting the subject index. 
Although the index system is very excellent, it may happen that the 
desired article may not appear under the first subject which is consulted, 
and it is always advisable to continue the search by looking for other 
subjects under which work might be classified. If any volume consulted 
yields a reference, this article should be read before continuing the 
search, since it will often be found that a published article will give a 
complete bibliography of previous work. After the possibilities of the 
latest volume are exhausted, the search is continued through past vol- 
umes until the most recent decennial index is reached; thereafter the 
decennial index is used. It is seldom necessary to carry a search to 
publications prior to 1907, the time of beginning of Chemical Abstracts , 
since most of the methods published prior to that time will be found in 
the standard reference works. Should it be desired to seek publications 
prior to 1907 either Chemisches Zentralblatt (1830 to date) or Journal of 
the Chemical Society (1871-1925) may be consulted. Other publications 
are listed in the reference books cited below. 

The reference system employed by Chemical A bstracts is simple. In 
the annual index the name of the subject is followed by a list of subhead- 
ings which usually enable the reader to determine whether a reference 
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relates to the particular aspect of the subject in which he is interested. 
The subheading is followed by a page reference which bears a small 
superscript number or letter 1 * giving the position of the reference on the 
page. For this purpose the page is divided into ninths. The indexing 
may be illustrated by a sample notation from a page chosen at random. 
Under the heading “balances” there is a subheading, as follows: 

Balances 

analytical, with damping device, 2979 4 

The reference is located four-ninths of the distance from the top to the 
bottom of page 2979. In the decennial index the same reference is listed, 
but it now includes also the volume number: 

Balances 

analytical, with damping device, 18:2979 4 

After the reference is obtained from the index, the abstract is read in 
order to determine whether the article contains the material sought. 
Should the abstract show the article to be of use, the periodical which 
contains the original article should then be investigated; often this is 
not available, but the abstract may be sufficiently complete to provide 
the desired information. 

The number of journals abstracted is very large, and not all the ab- 
breviations used for the names will be familiar to the average reader. 
A Guide to the Literature of Chemistry gives a complete list of periodicals, 
together with the official abbreviations, the name and address of the 
publisher, and the dates of publication for each one. A similar list, com- 
pletely up to date, is given in the December 20, 1946, issue of Chemical 
Abstracts. 

A recent publication of great value to the analyst is the Fifteen Year 
Collective Index for Volumes 1 to 15, Industrial and Engineering Chem- 
istry , Analytical Edition. It covers the period 1929-1943. 


References 

E. J. Crane and A. M. Patterson, A Guide to the Literature of Chemistry , Wiley, 1927. 
M. G. Mellon, Chemical Publications , McGraw-Hill, 1928. 

B. A. Soule, Library Guide for the Chemist^ McGraw-Hill, 1938. 

1 In 1947 Chemical Abstracts started to use superscript letters; before that time it 
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REFERENCE BOOKS 

In the following list of reference books only the more recent publica- 
tions in English are included. Textbooks are not listed, nor are the 
various books which deal chiefly with the theory of analysis, but atten- 
tion is directed to those works which summarize a wide variety of meth- 
ods or deal with widespread applications of particular methods. The 
list is not complete, but it will serve as a guide for ready location of de- 
sired analytical methods. The books which deal chiefly with methods 
other than gravimetric and volumetric analyses are listed elsewhere, in 
connection with the discussion of special methods. 

A. H. Allen, Commercial Organic Analysis , 10 vols., Blakiston, 1923-33. 

J. Altieri, Gas Analysis and Testing of Gaseous Materials, American Gas Association, 
1945. 

American Society for Testing Materials, Methods of Chemical Analysis, Phila- 
delphia, 1942. 

R. E. Doolittle, et al., Official and Tentative Methods of Analysis , Association of 
Official Agricultural Chemists, Washington, 1940. This is the standard work 
for methods of analysis of all agricultural materials. 

N. H. Furman, Scott's Standard Methods of Chemical Analysis, Van Nostrand, 1939. 

M. Gibb, Optical Methods of Chemical Analysis, McGraw-Hill, 1942. 

R. C. Griffin, Technical Methods of Analysis, McGraw-Hill, 1927. 

W. F. Hillebrand and G. E. F. Lundell, Applied Inorganic Analysis , Wiley, 1929. 
See also Hillebrand, Analysis of Silicate and Carbonate Rocks, U. S. Geol. 
Survey Bull 700, 1919. 

G. S. Jamieson, Volumetric lodate Methods, Chemical Catalog Co., 1926. 

C. M. Johnson, Rapid Methods for the Chemical Analysis of Special Steels, Wiley, 1930. 
I. M. Kolthoff and V. A. Stenger, Volumetric Analysis , Vol. I, Intersciencc, 1942; 
Vol. II, 1947. 

A. E. Leach and A. L. Winton, Food Inspection and Analysis, Wiley, 1924. 

N. W. Lord and D. J. Demorest, Metallurgical Analysis, McGraw-Hill, 1924. 

A. H. Low, A. J. Meining, and W. P. Schoder, Technical Methods of Ore Analysis 
for Chemists and Colleges, Wiley, 1939. 

G. E. F. Lundell and J. I. Hoffman, Outlines of Methods of Chemical Analysis , 
Wiley, 1938. 

G. E. F. Lundell, J. I. Hoffman, and H. A. Bright, Chemical Analysis of Iron 
and Steel, Wiley, 1932. 

G. Lunge and C. A. Keane, Technical Methods of Chemical Analysis , 3 vols., Van 
Nostrand, 1924-31. 

E. G. Mahin and R. H. Carr, Quantitative Agricultural Analysis, McGraw-Hill, 
1923. 

R. B. Moore, et al., Analytical Methods for Certain Metals, Including Cerium, 
Thorium, Molybdenum, Tungsten, Radium, Uranium, Vanadium, Titanium, 
and Zirconium, Bur. Mines BuU. 212. 
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R. E. Oesper, Newer Methods of Volumetric Analysis, Van Nostrand, 1938. 

F. C. Phillips, Methods for the Chemical Analysis of Ores, Iron and Steel, Chemical 
Publishing Co., 1920. 

American Public Health Association, Standard Methods for the Examination of 
Water and Sewage , New York, 1946. 

F. D. Snell and F. M. Biffen, Commercial Methods of Analysis, McGraw-Hill, 1944. 
E. P. Treadwell and W. P. Hall, Analytical Chemistry , Vol. II, 9th Ed., Wiley, 
1942. 

H. S. Washington, Manual of the Chemical Analysis of Rocks , Wiley, 1930. 

H. W. Wiley, Principles and Practice of Agricultural Analysis , Chemical Publishing 
Co., 1926. 

H. H. Willard and II. Diehl, Advanced Quantitative Analysis, Van Nostrand, 1943. 
A. G. Woodman, Food Analysis, McGraw-Hill, 1931. 


STANDARD ANALYZED SAMPLES 

It has repeatedly been emphasized that many of the analytical 
methods are subject to determinate errors which may greatly affect the 
accuracy of the analysis. In general, as the complexity of the sample is 
increased, the probability of such determinate errors is also increased. 
One of the valuable methods for the elimination of determinate errors is 
to conduct an analysis of a known sample along with the analysis of the 
unknown material and to compare the results for the known and the un- 
known. The National Bureau of Standards has prepared a large num- 
ber of analyzed samples which may be used as controls or for standardi- 
zation of solutions for volumetric analyses. With these samples are 
furnished certificates of analysis. A typical certificate is shown in 
Table 38. It may be noted that the analysts are listed and that the 
analytical methods employed are indicated, where the methods are of 
unusual type. From such a composite analysis there is obtained not 
only a very accurate analysis for the sample, but also a clue as to the 
deviations that may be expected. If an analyst wishes to make a 
phosphorus determination on a steel of similar composition to the sam- 
ple described in Table 38, he may use a portion of this sample for a con- 
trol, carrying it through all the operations to which the unknown is 
subjected. If the results for Analyzed Sample 100 agree with the pub- 
lished analysis there is every reason to trust the accuracy of the un- 
known analysis obtained under similar conditions. 

A partial list of the standard samples issued by the National Bureau 
of Standards is given in Table 39. At the end of this table are shown 
some chemicals which may be used for primary standards. 
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Full information concerning the standard samples is contained in 
Supplement to the National Bureau of Standards Circular C 398, which 
can be obtained free of charge on application to the National Bureau of 
Standards, Washington, D. C. 


TABLE 38 

Typical Certificate of Analyses Furnished with the Standard Samples 
Issued by the National Bureau of Standards 


Department of commerce 


bureau of g»tantab£ 

Certificate of gnalpSes; 


OF 

STANDARD SAMPLE No. 106 
Chromium-Molybdenum-Aluminum Steel 


ANtLTST* 


2 ... 

3 ~.J 


0 . 

10 


A vcrapcs . 
General av- 
erages .. 


[0 339 
345 
S37 
342 
347- 

342 
345 
345 

343 

344 
311 


343 


Mn 


|0. 480 
.483 
. 491' 


<0 022 0 . 020 
019 .019 

022 | . 022 


.020 ; 
.021 ; 
. 021' , 
. 021 '' 
022 • 
, 018 : 
. 021 | 


.021 

. 022 


.021 i . 020 



.013 
021 ; 
017* [ 
021 : 
020 j 

019 : 
017 : 


. 020 
020 
01 O' 
. 022 ■ 
020' 


.019 


Si 


|0 253 
245' 
245' 
240 
252 
255 
24G 
257 
244' 
20 


250 


<J5! 

L 

|0 145 
. 147* 
. 143' 


jO 130 
. 125 


. 1 50* 
135«| 
131* 

147* 
149 
1 33' 


H2 


5 


. 129 


Cr 




1 29' 
1 28 
1 28 
1 28 
1 29' 
1 29 
1 30 
L 30' 
1 30' 
1 28 
1 28 
1 29 


1 29 


. 008 


Mo 


|0 104 J , 
.166' 
.164' 


. 164 


A1 


1. 06* 
1. 08 
1.06- 
[. 05' 
1. 07- 
1 06 


1 06 f .009 


.009 


7 pfmfi 


if Al present as AhO, 

. ashed with 1 percent KNOi 
tandardized by the uss nf I he 


• Precipitated e — _ . 

nnd llirnted with alkalis ... 

Bureau of Standards standard aclJ potassium phtha- 
lulo and I be 23 I mtlo 

• Value obtained by standardization of titrating so- 
lution against sodluui oxalate through KMuO, and 

• Electrometric titration 

d Precipitated with • benrolnoxlm# and weighed as 
MoOj B 9 Jour Research, vol 9 (JRP453), p 1, July 

• iron removed with ether and enpferron, chromium 
oxidized with liClOi nDd aluminum precipitated twice 
with NUrOH. Ignited to the oxide and corrected tor 
B.O., CnO,. and MO,. 

i MCI dehydration 


i MCI dehydration 

« Fin Lair ad by electroljrafc. 


Blted'to'jrtobj and corrected for tiupunliw 
i niatnulhate-arsenlte 
I UClOi dehydration 
a Spectrographlc method 
■ Weighed as PbMnO. 

•» Aluminum precipluted with Nll.OIl after remov- 
ing Interfering elements with elbet. IliS, and the mer- 
cury cathode 

• Iron separated with eupferron chromium oddired 
with IJCIOi and aluminum precipitated twice with 
Nil. OH 

• UO| absorbed In bafOIDs and titrated with 

C,II»0 4 

a Ignited ard weighed u P,0» StMoOi. 

«II Cio. oxidation 

» turning solution standard ited ou standard SUM 


• BaSOi precipitated In FeCb solution. 

• U,3 absorbed in CdCIi solution 

• Iron sepn rated with NeOU. molybdenum reduced 
is Jones rcductur and titrated witb KMnOi 

• Iron and chromium separated with ether and 
NnOH. ftud aluminum precipitated twice with NHiOH 

• Most of the Iron removed with ether, chromium 
and nluininum separated with NaiCOi and NaiOi, and 
aluminum precipitated In the filtrate a« bydrodde by 
carefully neutralizing with H Cl. 

• Oxidized with lead peroxide. 

»KCN titration. 

• Aluminum separated from must of tbe Iron and 
chromium by hydrolysis In an ammonium sulphite 
sulphurous acid solution, precipitate dissolved, the 
acid soln lion treated with NaOH-Na»0». filtered, and 
aluminum precipitated with NU, Oil, 


•LIST OF ANALYSTS 


1. Ferrous Laboratory, Bureau of Standards, H. A. Bright in 

charge; analysis by R. M Fowler and J. C. Redmond. 

2. Booth, Garrett, and Blair, Philadelphia, Pa. 

3. M- S Arguss, W. B Sobers, and C. L. Platt, A- O. Smith Cor- 

poration, Milwakee, Wis. ,, , 

4. It. J. Price, The Electro Metallurgical Co., New York, N.Y. 

5. L. H. James, Reo Motor Car Co., Lansing, Mich. 

Washington, D.C. 

April 19. ISO , 


6. E J RichardB and W. H Bolger, R. W. Hunt Co , Chicago, III 

7. V\ F Lantz, Bethlehem Steel Co , Bethlehem, Pa 

8. C H. McCollarn, The Tinikea Steel & Tube Co., Canton, Ohio 
9 J A Wiley, The Midvale Co., Philadelphia, Pa. 

10 W T. Hartley, The Ludlum Steel Co. Dunkirk, N.Y. 

11. C M Johnson. The Crucible Steel Co. of America, Park works, 
Pittsburgh, Pa. 


LYMAN J BRIGGS 
Director 
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TABLE 39 

Standard Samples Issued by the National Bureau of Standards 2 


Sample 

Number 

Name 

8g 

Bessemer, 0.1 C 

9d 

Bessemer, 0.2 C 

lOe 

Bessemer, 0.4 C 

22c 

Bessemer, 0.6 C 

15d 

B. O. H., 0.1 C 

lie 

B. O. H., 0.2 C 

12e 

B. O. H., 0.4 C 

13d 

B. 0. H., 0.6 C 

14c 

B. 0. H., 0.8 C 

16c 

B. 0. H., 1.0 C 

19d 

A. 0. H., 0.2 G 

20d 

A. 0. H., 0.4 C 

21c 

A. 0. H., 0.6 C 

34a 

A. 0. H., 0.8 C 

35a 

A. 0. H., 1.0 C 

51a 

Electric furnace, 1.2 C 

65c 

Basic electric 

100 

Medium manganese 

105 

High sulfur 

30d 

Chrome-vanadium 

32c 

Chrome-nickel 

33c 

Nickel 

50b 

Chrome-tungsten-vanadium 

72c 

Chrome-molybdenum 

73a 

Stainless 

101b 

18 Cr, 9 Ni 

106a 

Cr-Mo-Al (nitralloy “G”) 

111a 

Ni-Mo-Cr (SAE 4620) 

4g 

Cast iron 

5i 

Cast iron 

6e 

Cast iron 

7d 

Cast iron 

55b 

Ingot iron 

82 

Nickel-chromium cast iron 

107 

Nickel-molybdenum 

115 

cast iron 

Nickel-chromium- 


copper cast iron 


Constituents Determined or Intended 

Use 

Steels 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, Sn, 
N) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, N) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, N, Mo, As) 

C, Mn, P, S, Si, (Cu, Ni, Cr, Y, Mo, Al, N) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, N) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, Al) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, N) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, As) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, As) 

C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, As, Al) 
C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, Sn) 
C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo, Sn) 
C, Mn, P, S, Si, (Cu, Ni, Cr, V, Mo) 

C 

C, Mn, P, S, Si, Cr, V, (Cu, Ni, Mo) 

C, Mn, P, S, Si, Cr, Ni, (Cu, V, Mo, N) 

C, Mn, P, S, Si, Ni, (Cu, Cr, V, Mo, Sn, 
Al, N) 

C, Mn, P, S, Si, W, Cr, V, (Cu, Mo, Sn, 
Ni, As) 

C, Mn, P, S, Si, Cr, Mo 
C, Mn, P, S, Si, Cr, (Cu, Ni, V, W, N, Mo) 
C, Mn, P, S, Si, Cr, Ni, (Cu, V, N, Mo, 
Co, Sn) 

C, Mn, P, S, Si, Cr, Mo, Al, (Cu, Ni, V) 

C, Mn, P, S, Si, Cr, Ni, Mo, (Cu, V, N) 

Irons 

C, Mn, P, S, Si, Ti, (Cu, Ni, Cr, Mo, V) 

C, Mn, P, S, Si, Ti, (Cu, Ni, Cr, V) 

C, Mn, P, S, Si, Ti, (Cu, Ni, Cr, V, Mo) 

C, Mn, P, S, Si, Ti, (Cu, Ni, Cr, V, Mo) 

C, Mn, P, S, Si, Cu, (Ni, Cr, N, Al, Co, Sn, 

V, Mo) 

C, Mn, P, S, Si, Cr, Ni, (Ti, Cu, V, Mo, As) 
C, Mn, P, S, Si, Ni, Mo, Cr, (V, Cu, Ti, 

W, As) 

C, Mn, P, S, Si, Ni, Cr, Cu, (V, Mo, 
Co, As) 


2 A partial listing from the Supplement to N. B. S. Circular C398 issued December 
11, 1946. 
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TABLE 

Standard Samples Issued by t 
Sample 

Number Name 

Stcel-n 

57 Refined silicon 

58 Ferrosilicon (75% silicon) 

59 Ferrosilicon (50% silicon) 

61a Ferrovanadium (high carbon) 
64a Ferrochromium (high carbon) 
66a Spiegeleisen 

67 Manganese metal 
68a Ferromanganese 
75 Ferrotungsten 
90 Ferrophosphorus 
71 Calcium molybdate 
116a Ferrotitanium (low carbon) 


9 ( Continued ) 

u National Bureau of Standards 

Constituents Determined or Intended 
Use 

Lking Alloys 


Complete analysis 


Phosphorus 
Mo, Fe, Ti 
Ti, C, Si, Cr, V, A1 


Non-ferrous Alloys 


86b Aluminum-base casting alloy 

53b Bearing metal, lead base 

54b Bearing metal, tin base 

63a Bearing metal, phosphor-bronze 

37d Brass, sheet 

52b Bronze, cast 

62b Bronze, manganese 

94a Zinc-base, die-casting alloy 


Complete analysis 


Ores 


69 Bauxite 
26 Iron ore, Crescent 
29a Iron ore, Magnetite 
28 Iron ore, Norrie 
27b Iron ore, Sibley 
25b Manganese ore 
56a Phosphate rock (Tennessee) 
120 Phosphate Rock (Florida) 


Complete analysis 
A1 2 0 3 , CaO, MgO 
Complete analysis 
Mn (low) 

Si0 2 , P, Fe 

Manganese, available oxygen 
R2O5, Fe 2 0 3 , Al 2 03, etc. 

P2O5, Fe 2 03, Al 2 03, etc. 


Ceramic Materials 


104 Burned magnesite 

76 Burned refractory (40% AI2O3) 

77 Burned refractory (60% AI2O3) 

78 Burned refractory (70% AI2O3) 

103 Chrome refractory 


Complete analysis 

Cr 2 0 3 , Si0 2 , A1 2 0 3 , FeO, CaO, MgO 
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TABLE 39 {Continued) 

Standard Samples Issued by the National Bureau of Standards 

Sample Constituents Determined or Intended 

Number Name Use 


Ceramic Materials ( Continued ) 


97 

Clay, flint 



98 

70 

99 

Clay, plastic 
Feldspar, potash 
Feldspar, soda 


Complete analysis 

79 

la 

Fluorspar 

Limestone, argillaceous 


88 

Limestone, dolomitic - 


92 

Glass, low boron 


b 2 o 3 

93 

89 

91 

Glass, high boron 
Glass, lead-barium 
Glass, opal 


Complete analysis 

80 

81 

Glass, soda-lime 
Glass sand 


Fp*Os, A1 2 0 8 , Ti() 2 , Zr0 2 , CaO, MgO 

102 

112 

Silica brick 1 
Silicon carbide J 


Complete analysis 

114e 

Fineness Standards 

Cement (turbidimetrie standard) 

44d 

Aluminum 

Melting-point Standards 

659.7°C 

45b 

Copper 


1083.2°C 

49b 

Lead 


327.40 °C 

42d 

Tin 


231.90°C 

43e 

Zinc 


4 19.50°C 

118 

Alumel 

Thermoelec tri c Standards 

Emf vs. temperature 

119 

Chromel P 


Emf vs. temperature 

84c 

Acid potassium phthalat 

Chemicals 

e Aci dimetric value 

39f 

Benzoic acid 


Acidimetric and calorimetric values 

40o 

Sodium oxalate 


Oxidimetric value 

83a 

Arsenic trioxide 


Oxidi metric value 

17 

Sucrose (cane-sugar) 

Calorimetric and saccharimetric values 

41 

Dextrose (glucose) 


Reducing value 



APPENDIX I 


MATHEMATICAL OPERATIONS 


USE OF EXPONENTIALS 

Operations which involve very large or very small numbers may often be simplified 
by writing the number involved in a “semi-exponential” form, as a power of 10. 
This permits placing the decimal point at the most convenient position. For example, 
the number 606,000,000,000,000,000,000,000, which expresses the number of mole- 
cules in a mole, is conveniently written as 

6.06 X 1023 

In this form the exponent of 10 indicates the number of places the decimal point must 
be shifted to write out the number in full. In the above number the decimal point 
must be shifted 23 places to the right in order to write the number in the conventional 
notation. A negative exponent for 10 indicates the number of places which the decimal 
point must be shifted to the left. 

Examples: 

(a) 12,345 = 1.2345 X 10 4 = 12.345 X 10* 

= 123.45 X 10 2 , etc. 

(b) 0.000018 = 18 X 10 -6 = 1.8 X 10 -6 , etc. 

The following rules govern the common operations which are performed with 
exponential numbers: 

1. To multiply exponentials of the same base, add the exponents algebraically. 
Multiplication of the non-exponential numbers present is performed in the usual 
manner. 

Examples: 

(а) 10 1 X 10 2 = 10 X 100 = 1000 - 10 1+2 = 10* 

(б) 6 X 10* X 2 X 10 2 X 3 X 10 -7 = 

6 X 2 X 3 X 10 3+2-7 = 36 X 10 -2 = 0.36 

2. To divide exponentially, subtract the exponents algebraically. 

Examples: 

{a) ~ = 1 X 10* = 1000 


(b) 


6 X 10* X 2 x 10~ 6 6X2 


3 X 10 -8 


X 103-5-C-8) 


= 4X 10+ 3-6+8 
= 4 X 10 6 
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3. To raise an exponential to a power, multiply the exponent by the desired power. 

Examples: 

( a ) ( 10 2 ) 2 = ( 100) 2 = 10000 = 10 4 

or 

(6) (3 X 10~ 6 ) 2 = (3) 2 X (10“ 6 ) 2 = 9X 10" 10 

4. To extract a root, divide the exponent by the desired root. If the exponent is 
not divisible by the root to give a whole number it is convenient to rewrite the number 
so as to obtain an exponent which is evenly divisible. 

Examples: 

(a) V 10 2 = 10 2 « = 10 1 = 10 

(b) Vio® = VlO X 10 2 = VlO X Vio* 

= 3.17 X 10 1 = 31.7 

(c) Vs X 10° = V8 X VlO* 

= 2 X 10 2 

(d) V 8 X 10 6 = V800 X 10 s = V800 X VlO* 

= 9.28 X 10 1 

(e) Vs X 10- 4 = V800 X 10 -6 = 9.28 X 10~* 

USE OF LOGARITHMS 

The logarithm (log) of a number is the power to which the base 10 must be raised 
to give the desired number. Conversely, the antilog of a logarithm is the number 
whose logarithm has the given value. That is, 

log 10 = 1 antilog 1 = 10 or 10 1 = 10 

log 100 =» 2 antilog 2 = 100 or 10 2 = 100 

Every logarithm has two parts, a characteristic and a mantissa. The characteristic 
is the integral number preceding the decimal point; the mantissa is the fractional 
portion of the logarithm. 

log 200 = 2.30103 or 10 2 • 30103 = 200 

In this log the number 2 is the characteristic and the number .30103 is the mantissa. 

1. Finding a logarithm. Look up the mantissa in a log table, interpolating if neces- 
sary. Directions for this operation are given in section IV, Appendix. Determine 
the characteristic as follows: Write the number in an exponential form by placing the 
decimal point after the first digit, and multiplying by ihe proper power of 10. The 
exponent of 10 is the characteristic of the log. 

Examples: 

(а) log 2 = 0.30103 (from log table) 

(б) log 20 = log (2 X 10 1 ) = log 2 + log 10 1 

= 0.30103 + 1 = 1.30103 
(c) log 0.002 = log (2 X 10- 3 ) = log 2 + log 10" 3 

= 0.30103 -b (-3) = 3.30103 = 7.30103 - 10 etc. 

2. Negative mantissas. Log tables give only positive values of the mantissa. If an 
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operation provides a negative logarithm, this must be transformed into a logarithm 
with a positive mantissa before the antilog can be determined. 

Example: 

log .002 = 3.30103 

This number has a negative characteristic but a positive mantissa. It can be ex- 
pressed as a negative logarithm by algebraically adding the two parts. 

3.30103 = -3 + 0.30103 = -2.69897 
Example: Find antilog —2.69897. 

Here the mantissa is negative. Rewriting to provide a positive mantissa gives 
3.30103, the antilog of which is 10- 30103 X 10 -3 . 

3. Raising a number to a given power. To raise a number to a power, find the log, 
multiply the log by the desired power, and find the antilog. 

Example: (a) Find (2 X 10 4 ) 2 

log (2 X 10 4 ) = 4.30103 
2 X 4.30103 - 8.60206 
antilog 8.60206 = antilog 8 *f antilog 0.60206 
= 10 8 X 4 

(b) Find (0.002) 3 

log 0.002 = 3.30103 == -2.69897 

3 X - (2.69897) = -8.09691 
-8.09691 = 9.90309 

antilog 9.90309 = antilog 0.90309 X 10~ 9 
- 8 X 10“ 9 


Optionally, the operation may be performed as follows: 


log 0.002 = 0.30103 - 3 

3 X log 0.002 = 3 X (0.30103 - 3) = 0.90309 - 9 


4. Extraction of a root. To extract a root, divide the log of 
desired root and determine the antilog of the resulting number. 

Example: Find V 0 02 _ 

'V'oosj - V'CO X 1(T 3 = "^20 X V'ltF* 

= V^O X 10-* 
log 20 = 1.30103 


1.30103 

3 


= 0.43367 


a number by the 


antilog 0.43367 = 2.714 
Therefore >^002 = 2.714 X 10' 1 = 0.2714 


Quadratic Equations 

The roots of the equation aX 2 + bX -f c = 0 are given by the formula: 

—b ± VV — 4 ac 


X =• 


2a 


Example: (a) Find the roots of 3X 2 -f SX -f 2 = 0. 


-8 ± V64 - 24 


-8 ± V40 -8 ± 6.3 -8 + 6.3 -8 - 6.3 

. ss or 


X 


6 


6 


6 


6 
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Mathematical Operations 


(6) Solve the following equation : 


Rearranging: 


X 2 


0.1-X 


= 10 ”* 


X 2 = 10” 7 - 10” 6 X 
X 2 + 10” 6 X - 10” 7 = 0 


Application of the formula gives: 

-10-0 ± V 10“ 12 + 4 X 10~ 7 


X = 


This expression can be simplified by neglecting 10“ 12 (or 0.000000000001) with 
respect to 4 X 10 -7 (or 0.0000004), an approximation which is justifiable, since the 
error introduced is very small. 

-H)- 8 ± V40 X 10~ 8 -IQ- 8 ±6.3 X 10~ 4 

~ 2 ~ 2 


In a cliemical problem in which X represents the concentration of some ion, only the 
positive value has sny significance. That is, 


X = 


-1Q-* -f-6.3 X IQ” 4 -1 X 10-* + 


X1U ° 


629 X 10-^ 


= 315 Xl0” 6 = 3.15 X10” 4 


An approximate solution of a quadratic equation may often be obtained by neglect- 
ing some small term which is added to or subtracted from a larger number. For 
example, the equation 


X 2 


0.1-X 


= 10 « 


becomes 


X 2 

0.1 


10” 6 when the X term in the derominator is neglected, or 


X 2 = 10” 7 - 10 X 10~ 8 
X = 3.16 X 10~ 4 


This answer does not deviate greatly from the answer obtained by exact solution of 
the equation. For most of the quadratic equations encountered in calculations per- 
taining to chemical equilibrium, the approximate solution is perfectly valid since the 
equilibrium constants are not in general known to a precision greater than 10-100 
per cent. A term cannot be neglected in all equations, however, since it may cause 
serious error. For example, in the equation 


neglecting X leads to a solution 

X = 0.1, which is absurd. 

As a rule, if the solution after neglecting a term X leads to a value for X which is 
appreciable in comparison with the term from which it has been subtracted or to 
which it has been added, the approximate solution is not valid. 



APPENDIX II 


EQUILIBRIUM CONSTANTS * 

TABLE 1 


Ionization Constants for Weak Acids 


Acid 

Equilibrium 

Ionization Constant 
(at Room Temperature) 

Acetic 

cii 3 cooh = 11 + + ciLcoo- 

1.8 X 10~ 5 

10-4.7 

Arsenic 

IIsAsO, = H + +H 2 As0 4 - 

4.5 X 10" 3 

10 " 2 - 3 

Arsenious l 

H 3 AsOj = H + + HjAsOj - 

2.1 X 10~ 8 j 

10-7.7 

Benzoic 

CJLCOOH = H + + CJLCOO- 

6.G X 10“ B 

1Q-4.2 

Boric 

1IB0 2 = H + + B0 2 - 

1.1 x 10- 9 

10-9.° 

Carbonic 

H 2 00 3 = h+ + hco,- 

3 X JO- 7 

10-6.5 


HCOj - = 11+ + OO 3 - 

7 X 10 ~ n 

10 ~i°* 2 

Formic 

ITCOOH = H 1 -F HCOO- 

2.1 X 10~ 4 

10-3-7 

Hydrocyanic 

HON = IT 1 + ON- 

2.1 X 10~ 9 

10 ~87 

Hydrofluoric 

HE = H+ + F“ 

G.9 X 10 + 

10-3.2 

Hydrogen peroxide 

11,0, = II+ + H0 2 - 

5 X 10 ~ 12 , 

] 0-113 

Hydrogen sulfide 

H,S = II + + HS- 

9 X 10“ 8 

lQ-7.0 


US- = II < + S~ 

1.2 X lO" 15 

10-14.9 

Nitrous 

HN0 2 = 11+4- N0 2 - 

4.6 X 10 ~+ 

lQ-3.3 

Oxalic 

H 2 C 2 0 4 = 11 + 4 - HC 2 O 4 ” 

3.8 X 10 ~ 2 

10-1.4 


HC 2 0 4 ~ = 11+ 4- 0 2 0 4 ” 

5 X 10~ 5 

10-4-3 

Phenol 

C f( H b OII = H+ 4- C fl Hr,0- 

1.0 X 10" 10 j 

10-1° 

Phosphoric 

H 8 P0 4 = H+ 4- II 2 P0 4 - 

7.5 X 10 ~ 3 

10-2.1 


H 2 P0 4 - = H+ +HPO 4 - 

6.3 X 10- 8 

10-7.2 


HP0 4 " = H+ 4- P0 4 - 

3.6 X 10~ 13 

10-12.4 

Phthalic f 

C 8 H 4 0 4 H 2 = H + 4- C 8 H 4 0 4 H- 

1.3 X 10~ 3 

10 -2 .89 


C 8 H 4 0 4 H- = H+ 4- C 8 H 4 0 4 ” 

3.9 X 10~ B 

1Q-5.41 

Propionic 

CaHjCOOIl = H+ 4- C 2 Il 6 COO- 

1.4 X 10" 6 

10-4-9 

Sulfurous 

H 2 S0 3 = H+ 4 -HSO 3 - 

1.7 X lO- 2 

10 -1.8 


HS0 3 - = H+ 4-SOr 

5 X 10" 6 

10-6.3 

Tartaric 

C 4 H 4 0 6 H 2 * H + 4- C 4 H 4 0 6 H- 

1.1 X 10“ 3 

10“ 3 


C 4 H 4 0 6 H- = 11+4- C 4 H 4 0 6 - 

6.9 X 10 ~ 6 

IQ' 4 - 2 

Zinc hydroxide 

H 2 Zn0 2 = H+ 4-HZn0 2 - 

2 X lO" 16 

l 0 -!5.7 


* Selected by permission from the values given by T. It. Ilogness and W. C. Johnson, Qualitative 
Analysis and Chemical Equilibrium , Henry Holt, 3d edition, 1947. Many of the constants are given 
to two significant figures. For solution of the problems given in this text the constants may be rounded 
to only one significant figure, since calculations based upon the law of chemical equilibrium are only 
approximations when concentrations are substituted for activities. 

f Taken from N. A. Lange, Handbook of Chemistry, Handbook Publishers, Inc., 6th edition, 1946. 
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Equilibrium Constants 


TABLE 2 


Ionization Constants of Weak Bases 


Base 

Equilibrium 

Ionization Constant 
(at Room Temperature) 

Ammonium hydrox- 
ide 

NII 4 OH = NH 4 + + OH- 

1.8 X 10-5 

10~ 4 - 7 

Methyl ammonium 
hydroxide 

CII 3 NH 3 OH = CH 8 NH 3 + + OH- 

5 X 10- 4 

IO- 3.3 

Dimethyl ammo- 
nium hydroxide 

(CH 3 ) 2 NH 2 OH=(CH 3 ) 2 NII 2 + -h OH~ 

7.4 X 10- 4 

IO - 31 

Trimethyl ammo- 
nium hydroxide 

(CH 3 ) 3 NHOH = (CH 3 ) 3 NII + + OH- 

7.4 X 10-5 

10" 41 

Ethyl ammonium 
hydroxide 

C 2 II 6 NH 3 OII = C 2 H 6 NII 3 + + OH- 

5.6 X 10- 4 

10-3.3 

Phenyl ammonium 
hydroxide 

C 6 H 6 NH 8 OH = C 6 H 6 NII 3 + + OH~ 

4.6 X 10~ 10 

10-9-3 

Hydrazine hydroxide 

H 2 N-NH 3 OH = H 2 N NII 3 + + OH- 

3 X 10-« 

10-5 5 



Equilibrium Constants 


487 


TABLE 3 


Solubility-product Constants at Room Temperature 


Substance 

Equilibrium 

Solubility-product 

Constant 

Acetates 




Silver acetate 

CII 3 COOAg = Ag+ + CH 3 COO- 

4 X 10~ 3 

10“ 2 - 4 

Bromates 




Silver bromate 

AgBrOj = Ag+ + Br0 3 - 

6 X 10" 5 

IO- 4.2 

Bromides 




Mercurous bromide 

HgsBr* = IIg 2 ++ + 2Br- 

4 X 10" 23 

10-22.4 

Silver bromide 

AgBr = Ag' h -f- Br~ 

7.7 X 10 ~ 13 

10-12-1 

Carbonates 




Barium carbonate 

BaC0 3 - Ba ++ + COf 

8.1 X 10~ 9 

10-8.1 

Calcium carbonate 

CaC0 3 - Ca ++ + CO," 

8.7 X 10~ 9 

10-8.1 

Lead carbonate 

Pbco, = ri > 1 + + co,- 

4.0 X 10~ 14 

10-13.4 

Magnesium carbonate 

MgCO, = Mg + + + C() 3 “ 

4.0 X 10 

]0-4.4 

Silver carbonate 

AgaCOs = 2Ag + + COj" 

0.2 X 10 ~ 12 

10 'll' 2 

Strontium carbonate 

SrC0 8 = Sr ++ + CO," 

1.6 X 10- ,J 

10-8.8 

Chlorides 




Mercurous chloride 

ITg.Cl, = IJg 2 4 + + 2(’]~ 

1.5 X 10~ 18 

10-17.8 

Silver chloride 

AgC’L = Ag + + Cl- 

1.0 X 10“ 10 

lO-io 

Chromates 




Barium chromate 

BaCr0 4 = Ba 4 + + CrO." 

2.4 X 10- ~ 10 

10-9-6 

Lead chromate 

PbCr0 4 = Pb++ + Cr(> 4 - 

2.0 X 10~ 14 

10-13.7 

Silver chromate 

Ag 2 Cr0 4 = 2Ag+ + CrOr 

9.0 X 10~ 12 

10~ 11 

Cyanides 




Silver cyanide 

AgCN = Ag+ + CN- 

2.2 X 10 ~ 12 

1 10~ 117 

Dichromates 




Silver dichromate 

Ag 2 Cr 2 0, = 2Ag + + Cr 2 0," 

2.0 X 10~ 7 

! 0 - 6.7 

Fluorides 




Barium fluoride 

BaF 2 = Ba 44 ' + 2F~ 

1.7 X 10~ G 

10-6.8 

Calcium fluoride 

CaF 2 = Ca ++ + 2F“ 

4.0 X 10" 11 

10 - 10.4 

Lead fluoride 

PbFj = Pb ++ + 2F- 

3.7 X 10-« 

10 - 7 4 

Magnesium fluoride 

MgF, = Mg++ + 2F~ 

6.4 X 10 

1Q-8.2 

Strontium fluoride 

SrF 2 = Sr + + + 2F~ 

2.8 X 10~ 9 

10-8.6 

Hydroxides 




Copper hydroxide 

Cu(OH) s = Cu ++ + 20H- 

6 X 10- 20 

10~ 19 2 

Ferric hydroxide 

Fe(OH), = Fe +++ +30H- 

1.5 X 10- 36 

10-35.8 

Ferrous hydroxide 

Fe(OH) 2 = Fc ++ + 20H- 

2 X 10~ 14 

l 0 - i 3.7 

Lead hydroxide 

Pb(OH), = Pb ++ + 20H- 

2.5 X 10~ 16 

l0-i6.6 

Magnesium hydroxide 

Mg(OH), = Mg ++ + 20H- 

1.5 X 10’ 11 

10-io.s 

Manganese hydroxide 

Mn(OH), = Mn ++ + 20H~ 

4.5 X 10 ~ 14 

1Q-13.3 

Zinc hydroxide 

Zn(OH) 2 = Zn + + + 20H- 

2.0 X 10 ~ 14 

l 0 -!3.7 


Zn(OH), = H + + IIZn0 2 - 

5 X 10 “ 17 

10 -! 6.3 
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Equilibrium Constants 


Solubility 

TABLE 3 (i Continued ) 

-product Constants at Room Temperature 


Substance 

Equilibrium 

Solubility-product 

Constant 

Iodates 




Barium iodate 

Ba(I0 3 )2 ~ Ba ++ 4~ 2 I 03 ~ 

G.5 X 10~ 10 

10-9.2 

Calcium iodate 

Ca(IO,) 2 = Ca + + + 2T0 3 - 

6.5 X 10~ 7 

10— 6-2 

Cupric iodate 

Cu(IO g ) 2 = Cu 4 + + 2IO s - 

1.4 X 10~ 7 

10-6 9 

Lead iodate 

Pb(T0 3 ) 2 = Pb 4 ^ + 2I0 3 ~ 

2.6 X 10 ~ 13 

1Q-12.C 

Silver iodate 

AgI0 3 = Ag+ + 10 3 - 

1.0 X 10 ~ 8 

10- 8 

Iodides 




Lead iodide 

Pbl 2 = Pb ++ -P2I- 

1.4 X 10-8 

10-7.9 

Mercurous iodide 

IlgaT 3 = Hg 2 ++ + 21- 

4 X 1O~ 20 

IQ-28 4 

Silver iodide 

Agl = Ag 4 4- I~ 

1.5 X IO- 1 6 

10-163 

Thallous iodide 

Til = T1+ 4- I- 

2.5 X 10-8 

10-7.6 

Oxalates 




Barium oxalate 

BaC 2 0 4 = Ba + + + C 2 0 4 - 

1.5 X 10" 7 

10-6-8 

Cadmium oxalate 

CdC 2 0 4 = Cd ++ + c 2 o 4 - 

1.5 X 10-* 

10- 7 .8 

Calcium oxalate 

CaC 2 0 4 = Ca 44 4- C 2 0 4 “ 

2.6 X 1O~ 0 

10-86 

Cupric oxalate 

CuC 2 0 4 = Cu ++ + C 2 0 4 “ 

2.9 X 10- 8 

IO - 7 6 

Ferrous oxalate 

FoC 2 0 4 = Fe + + 4- C 2 0 4 “ 

2.1 X 10- 7 

10-6-7 

Lead oxalate 

PbC 2 0 4 = Pb ++ 4-C 2 0 4 ” 

2.8 X 10 - 11 

10-10.6 

Magnesium oxalate 

MgC 2 0 4 = Mg +t + C 2 0 4 " 

8.8 X 10 - 5 

10-4.1 

Strontium oxalate 

SrC 2 0 4 = Sr + 4 4- C 2 0 4 “ 

5.8 X 10~ 8 

10-7-2 

Zinc oxalate 

ZnC 2 0 4 = Zn + *- + C 2 0 4 - 

1.5 X 10~ 9 

10-8-8 

Sulfates 




Barium sulfate 

BaS0 4 = Ba 4+ 4- S0 4 “ 

1.1 X 10“i° 

IO -10 

Calcium sulfate 

CaS0 4 = Ca ++ 4- S0 4 ~ 

6.1 X 10 ~ 6 

10-4.2 

Lead sulfate 

PbS0 4 - Pb ++ 4- S0 4 “ 

1.1 X 10 ~ 8 

IQ' 8 

Strontium sulfate 

SrS0 4 = Sr + + 4-S0 4 “ 

2.9 X 10~ 7 

10-6.6 

Sulfides 




Cadmium sulfide 

CdS = Cd 4 + + s- 

1.0 X 10“ 28 

IQ-28 

Cobalt sulfide 

CoS = Co ++ 4- S" 

1.0 x 10- 27 

IQ-27 

Cupric sulfide 

CuS = Cu ++ 4- S“ 

3.5 X 10~ 38 

10-87.5 

Ferrous sulfide 

FeS = Fe + + 4- S" 

3.7 X 10 “i 0 

10-18-4 

Lead sulfide 

PbS = Pb 4+ 4-S- 

7.0 X 10 ~ 30 

10-29.2 

Manganous sulfide 

MnS = Mn +4 4- S" 

1.4 X 10~ 16 

IQ-149 

Mercuric sulfide 

HgS = Hg 4 + 4- 

1 X 10 —66 

IQ-60 

Nickelous sulfide 

NiS - Ni++ 4 - S" 

1.4 X 10" 24 

10-28.8 

Silver sulfide 

Ag 2 S — 2Ag + 4~ B*" 

4 X 10 ~ 52 

10-614 

Thallous sulfide 

T1 2 S = 2 T 1 + 4- s- 

6.4 X 10 - 23 

10 -22 .2 

Zinc sulfide 

ZnS = Zn ++ 4- S" 

1.2 X 10 - 23 

10-22.9 

Thiocyanates 




Silver thiocyanate 

AgCNS * Ag+ 4- CNS- 

1.2 X 10 ~ 12 

10-U.9 
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TABLE 4 


Dissociation Constants of Complex Ions 


Equilibrium 

Dissociation Constant 

Cd(NH 3 ) 4 ++ = Cd ++ + 4NH, 

1 X 10~ 7 

10~ 7 

Ag(NHi) 2 + = Ag + + 2NH 3 

6.8 X 10-« 

10-7.2 

Zh(NH 3 ) 4 ++ = Zn ++ + 4NH, 

2.6 X 10-i» 

10-96 

HgBr," = Hg + + + 4Br" 

2.2 X 10" 22 

10-21-7 

HgCl 3 - = Hg ++ + 3C1" 

6.0 X IO- 1 7 

lO-ie-2 

Cd(CN) 4 - = Cd++ + 4CN- 

1.4 X 10' 17 

10 ” 16 - 9 

Cu(CN) s " = Cu+ + 3CN- 

5.0 X 10 ~ 28 i 

10-27-3 

Hg(CN) 4 ” = Hg ++ + 4CN- 

4 X 10" 42 

10' 41 - 4 

Ag(CN) 2 - = Ag + + 2CN- 

8 X 10" 23 

10 -**- 1 

Hgl 4 - = Hg ++ + 41- 

5.0 X 10 ~ 32 

10~3i.3 

Hg(CNS) 4 - = Hg ++ + 4CNS- 

1.0 X 10" 22 

IQ-22 



APPENDIX III 


PREPARATION OF INDICATOR SOLUTIONS 

Bromcresol green. Dissolve 0.1 g bromcresol green in 7.2 ml 0.02 N NaOH, and 
dilute to 250 ml. 

Bromphenol blue. Dissolve 0.1 g bromphenol blue in 7.5 ml 0.02 N NaOH, and 
dilute to 250 ml. 

Bromthymol blue. Dissolve 0.1 g bromthymol blue in 8.0 ml 0.02 N NaOH, and 
dilute to 250 ml. 

Dichlorofluorescein. Dissolve 0.1 g dichloro fluorescein in 100 ml 70 per cent alcohol, 
or dissolve 0.1 g sodium diohlorofiuoresceinate in 100 ml water. 

Diphenylamine sulfonate. Dissolve 0.32 g barium diphenylamine sulfonate in 100 
ml water, and add 0.5 g sodium sulfate. Filter to remove barium sulfate precipitate. 

Ferric alum. Dissolve 28 g ferric alum crystals in 80 ml hot water. Cool, filter, and 
dilute to 100 ml with 6 N nitric acid. 

Ferroin. See phenanthroline-ferrous ion indicator. 

Methyl orange. Dissolve 0.1 g methyl orange in 100 ml water. 

Methyl red. Dissolve 0.1 g methyl red in 18.6 ml 0.02 N NaOH, and dilute to 
250 ml. 

Methyl red-bromcresol green mixed indicator. Mix 2 parts methyl red solution 
with 3 parts bromcresol green solution. 

Modified methyl orange. Dissolve 0.75 g xylene cyanolc FF and 1.5 g methyl 
orange in l 1. water. 

Phenanthroline-ferrous ion. (Ferroin). Dissolve 0.5 g phenanthroline monohydratc 
in 100 ml 0.025 M ferrous sulfate solution. 

Phenolphthalein. Dissolve 0.1 to 0.5 g (depending on strength desired) phcnol- 
phthalein in 50 ml alcohol, and add 50 ml water. 
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Five-Place Logarithms: 250 — 300 














Five-Place Logarithms : 300 ■ 
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Five-Place Logarithms: 350 — 400 


Prop. Parts 



4 | 4.8 
6.0 

6 7.2 

7 8.4 

8 9.6 

9 10.8 


350 54 407 

51 531 

52 654 

53 777 

54 54 900 

55 55 023 

56 145 



5 

6 

7 

8 

9 

469 

481 

494 

506 

518 

593 

605 

617 

630 

642 

716 

728 

741 

753 

765 

839 

851 

864 

876 

888 

962 

974 

986 

998 

*011 

084 

096 

108 j 

121 

133 

206 

218 

230 ! 

| 

242 

1 

255 

328 

340 

352 

364 

376 

449 

461 

473 

485 

497 

570 

582 

594 

606 

618 

691 

703 

715 

727 

739 

811 

QT 1 

823 

a ax l 

835 

847 

859 

070 


Prop. Parts 



400 I 60 206 




















Five-Place Logarithms : 400 — 450 




mm 



mm 



wm 

e 

0 

1 

mm i 

worn 

6 

mm 

60 206 

217 

228 

239 

249 

260 

271 

282 

293 

304 

314 

325 

336 

347 

358 

369 

379 

390 

401 

412 

423 

433 

444 

455 

466 

477 

487 

498 

509 1 

520 

531 

541 

552 

563 

574 

584 

595 

606 

617 

627 

638 

649 

660 

670 

681 

692 

703 

713 

724 

735 

746 

756 

767 

778 

788 

799 

810 

821 

831 

842 

853 

863 

874 

885 

895 

906 

917 

927 

938 

949 

60 959 

970 

981 

991 

*002 

*013 

*023 

*034 

*045 i 

*055 

61 066 

077 

087 

098 

109 

119 

130 

140 

151 

162 

172 

183 

194 

204 

215 

225 

236 

247 

257 

268 

278 

289 

300 

310 

321 

331 

342 

352 

363 

374 

384 

395 

405 

416 

426 

437 

448 

458 

469 

479 

490 

500 

511 

521 

532 

542 

553 

563 

574 

584 

595 

606 

616 

627 

637 

648 

658 

669 

679 

690 

700 

711 

721 

731 

742 

752 

763 

773 

784 

794 

805 

815 

826 

836 

847 

857 

868 

878 

888 

899 

61 909 

920 

930 

941 

951 

962 

972 

982 

993 

*003 

62 014 

024 

034 

045 

055 

066 

076 

086 

097 

107 

118 

128 

138 

149 

159 

170 

180 

190 

201 

21 1 

221 

232 

242 

252 

263 

273 

284 

294 

304 

315 

325 

335 

346 

356 

366 

377 

387 

397 

408 

418 

428 

439 

449 

459 

469 

480 

490 i 

500 

511 

521 

531 

542 

552 

562 

572 

583 

593 

603 

613 

624 

634 

644 

655 

665 

675 

685 

696 

706 

716 

726 

737 

747 

757 

767 

778 

788 

798 

808 

818 

829 

839 

849 

859 

870 

880 

890 

900 

910 

921 

931 

62 941 

951 

961 

972 

982 | 

992 

*002 

*012 

*022 

*033 

63 043 

053 

063 

073 

083 

094 

104 

114 

124 

134 

144 

155 

165 

175 

185 

195 

205 

215 

225 

236 

246 

256 

266 

276 

286 

296 

306 

317 

327 

337 

347 

357 

367 

377 

387 

397 

407 

417 

428 

438 

448 

458 

468 

478 

488 

498 

508 

518 

528 

538 

548 

558 

568 

579 

589 

599 

609 

619 

629 

639 

649 

659 

669 

679 

689 

699 

709 

719 

729 

739 

749 

759 

769 

779 

789 

799 

809 

819 

829 

839 

849 

859 

869 

879 

889 

899 

909 

919 

929 

939 

63 949 

959 

969 

979 

988 

998 

*008 

*018 

*028 

*038 

64 048 

058 

068 

078 

088 

098 

108 

118 

128 

137 

147 

157 

167 

177 

187 

197 

207 

217 

227 

237 

246 

256 

266 

276 

286 

296 

306 

316 

326 

335 

345 

355 

365 

375 

385 | 

395 

404 

414 

424 

434 

444 

454 

464 

473 

483 

493 

503 

513 

523 

532 

542 

552 

562 

572 

582 

591 

601 

611 

621 

631 

640 

650 

660 

670 

680 

'689 

699 

709 

719 

729 

738 

748 

75 8 

768 

777 

787 

797 

807 

816 

826 

836 

846 

856 

865 

875 

885 

895 

904 

914 

924 

64 933 

943 

953 

963 

972 

982 

992 

*002 

*011 

*021 

65 031 

040 

050 

060 

070 

079 

089 

099 

108 

118 

128 

137 

147 

157 

167 

176 

186 

196 

205 

215 

225 

234 

244 

254 

263 

273 

283 

292 

302 

312 

65 321 

331 

341 

350 

360 

369 

379 

389 

398 

408 


Prop. Parts 


8 I 9 


Prop. Parts 













Prop, Parts 


Five-Place Logarithms: 450 — 500 499 


10 

1.0 

2.0 

3.0 

4.0 

5.0 

6.0 

7.0 

8.0 
9.0 


9 

0.9 
1 8 

2.7 
3 6 
4.5 
5.4 
6.3 
7.2 
8.1 


8 

0.8 

1.6 

2.4 

3.2 
4.0 
4.8 
5.6 

6.4 

7.2 


Prop. Parts 


EH 

0 

n 

mm 

8 

M 

mm 

pail 

m 

ESi 

m 

450 

65 321 

331 

341 

350 

360 

369 

379 

389 

398 

408 

51 

418 

427 

437 

447 

456 

466 

475 

485 

495 

504 

52 

514 

523 

533 

543 

552 

562 

571 

581 

591 

600 

53 

610 

619 

629 

639 

648 

658 

667 

677 

686 

696 

54 

706 

715 

725 

734 

744 

753 

763 

772 

782 

792 

55 

801 

811 

820 

830 

839 

849 

858 

868 

877 

887 

56 

896 

906 

916 

925 

935 

944 

954 

963 

973 

982 

57 

65 992 

*001 

*011 

*020 

*030 

*039 

*049 

*058 

*068 

*077 

58 

66 087 

096 

106 

115 

124 

134 

143 

153 

162 

172 

59 

181 

191 

200 

210 

219 

229 

238 

247 

257 

266 

460 

276 

285 

295 

304 

314 

323 

332 

342 

351 

361 

61 

370 

380 

389 

398 

408 

417 

427 

436 

445 

455 

62 

464 

474 

483 

492 

502 

511 

521 

530 

539 

549 

63 

558 

567 

577 

586 

596 

605 

614 

624 

633 

642 

64 

652 

661 

671 

680 

689 

699 

708 

717 

727 

736 

65 

745 

755 

764 

773 

783 

792 

801 

811 

820 

829 

66 

839 

848 

857 

867 

876 

885 

894 

904 

913 

922 

67 

66 932 

941 

950 

960 

969 

978 

987 

997 

*006 

*015 

68 

67 025 

034 

043 

052 

062 

071 

080 

089 

099 

108 

69 

117 

127 

136 

145 

154 

164 

173 

182 

191 

201 

470 

210 

219 

228 

237 

247 

256 

265 

274 

284 

293 

71 

302 

311 

321 

330 

339 

348 

357 

367 

376 

385 

72 

394 

403 

413 

422 

431 

440 

449 

459 

468 

477 

73 

486 

495 

504 

514 

523 

532 

541 

550 

560 

569 

74 

578 

587 

596 

605 

614 

624 

633 

642 

651 

660 

75 

669 

679 

688 

697 

706 

715 

724 

733 

742 

752 

76 

761 

770 

779 

788 ! 

797 

806 

815 

825 

834 

843 

77 

852 

861 

870 

879 

888 

897 

906 

916 

925 

934 

78 

67 943 

952 

961 

970 

979 

988 

997 

*006 

*015 

*024 

79 

68 034 

043 

052 

061 

070 

079 

088 

097 

106 

115 

480 

124 

133 

142 

151 

160 

169 

178 

187 

196 

205 

81 

215 

224 

233 

242 

251 

260 

269 

278 

287 

296 

82 

305 

314 

323 

332 

341 

350 

359 

368 

377 

386 

83 

395 

404 

413 

422 

431 

440 

449 

458 

467 

476 

84 

485 

494 

502 

511 

520 

529 

538 

547 

556 

565 

85 

574 

583 

592 

601 

610 

619 

628 

637 

646 1 

655 

86 

664 

673 

681 

690 

699 

708 

717 

726 

735 | 

744 

87 

753 

762 

771 

780 

789 

797 

806 

815 

824 

833 

88 

842 

851 

860 

869 

878 

886 

895 

904 

913 

922 

89 

68 931 

940 

949 

958 

966 

975 

984 

993 

*002 

*011 

490 

69 020 

028 

037 

046 

055 

064 

073 

082 

090 

099 

91 

108 

117 

126 

135 

144 

152 

161 

170 

179 

188 

92 

197 

205 

214 

223 

232 

241 

249 

258 

267 

276 

93 

285 

294 

302 

311 

320 

329 

338 

346 

355 

364 

94 

373 

381 

390 

399 

408 

417 

425 

434 

443 

452 

95 

461 

469 

478 

487 

496 

504 

513 

522 

531 

539 

96 

548 

557 

566 

574 

583 

592 

601 

609 

618 

627 

97 

63 6 

644 

653 

662 

671 

679 

688 

697 

705 

714 

98 

723 

732 

740 

749 

758 

767 

775 

784 

793 

801 

99 

810 

819 

827 

836 

845 

854 

862 

871 

880 

888 

500 

69 897 

906 

914 

923 

932 

940 

949 

958 

966 

975 

mm 

0 

1 WM 

mm 

IKH 

KH 

wm 

6 

7 

8 

9 









500 


Five-Place Logarithms: 500 — 550 


mm 

0 

1 

mm 

mm 

4 

5 

6 

7 

8 

9 

Prop, 

. Parts 

500 

; 69 897 

906 

914 

923 

932 

940 

949 

958 

966 

975 



ESS 

69 984 

992 

*001 

*010 

*018 

*027 

*036 

*044 

*053 

*062 



pi 

70 070 

079 

088 

096 

105 

114 

122 

131 

140 

148 



19 

157 

165 

174 

183 

191 

200 

209 

217 

226 

234 



04 

243 

252 

260 

269 

278 

286 

295 

303 

312 j 

321 



05 

329 

338 

346 

355 

364 

372 

381 

389 

398 

406 



06 

415 

424 

432 

441 

449 

458 

467 

475 

484 

492 


g 

07 

501 

509 

518 

526 

535 

544 

552 

561 

569 

578 

t 

0.9 

08 

586 

595 

603 

612 

621 

629 

638 

646 

655 

663 

2 

1.8 

09 

672 

680 

689 

697 

706 

714 

723 

731 

740 

749 

3 

2.7 












4 

3 . 6 ' 

4.5 

510 

757 

766 

774 

783 

791 

800 

808 

817 

825 

834 

5 






6 

5.4 

11 

842 

851 

859 

868 

876 

885 

893 

902 

910 

919 

7 

6.3 

12 

70 927 

935 

944 

952 

961 

969 

978 

986 

995 

*003 

8 

7.2 

13 

71 012 

020 

029 

037 

046 

054 

063 

071 

079 

088 

9 

i 8.1, 

14 

096 

105 

113 

122 

130 

139 

147 

155 

164 

172 



15 

181 

189 

198 

206 

214 

223 

231 

240 

248 

257 



16 

265 

273 

282 

290 

299 

307 

315 

324 

332 

341 



17 

349 

357 

366 

374 

383 

391 

399 

408 

416 

425 



18 

433 

441 

450 

458 

466 

475 

483 

492 

500 

508 



19 

517 

525 

533 

542 

550 

559 

567 

575 

584 

592 



520 

600 

609 

617 

625 

634 

642 

650 

659 

667 

675 



21 

684 

692 

700 

709 

717 

725 

734 

742 

750 

759 


8 

22 

767 

775 

784 

792 

800 

809 

817 

825 

834 

842 


23 

850 

858 

867 

875 

883 

892 

900 

908 

917 

j 925 

1 

0.8 












2 

1.6 

24 

71 933 

941 

950 

958 

966 

975 

983 

991 

999 

*008 

3 

2.4 

25 

72 016 

024 

032 

041 

049 

057 

066 

074 

082 

090 

4 

3.2 

26 

099 

107 

115 

123 

132 

140 

148 

156 

165 

173 

5 

6 

4.0 

4.8 

27 

181 

189 

198 

206 

214 

222 

230 

239 

247 

255 

7 

8 

9 

5.6 

6.4 

7.2 

28 

263 

272 

280 

288 

296 

304 

313 

321 

329 

337 

29 

346 

354 

362 

370 

378 

387 

395 

403 

411 

419 

530 

428 

436 

444 

452 

460 

469 

477 

485 

493 

501 



31 

509 

518 

526 

534 

542 

550 

558 

567 

575 

583 



32 

591 

599 

607 

616 

624 

632 

640 

648 

656 

665 



33 

673 

681 

689 

697 

705 

713 

722 

730 

738 

746 



34 

754 

762 

770 

779 

787 

795 

803 

811 

819 

827 



35 

835 

843 

852 

860 

868 

876 

884 

892 

900 

908 



36 

916 

925 

933 

941 

949 

957 

965 

973 

981 

989 



37 

72 997 

*006 ' 

*014 

*022 

o 

to 

o 

* 

*038 

*046 

*054 

*062 

*070 



38 

73 078 

086 

094 

102 

111 

119 

127 

135 

143 

151 



39 

159 

167 j 

175 

183 

191 

199 

207 

215 

223 

231 

1 

2 

nv 

0.7 

1.4 

540 

239 

247 

255 

263 

272 

280 

288 

296 

304 

312 

3 

4 

2.1 

2.8 

41 

320 

328 , 

336 

344 

352 

360 

368 

376 

384 

392 

5 

a 

3.5 

4.2 

42 

400 

408 

416 

424 

432 

440 

448 

456 

464 

472 

O 

43 

480 

488 

496 

504 

512 

520 

528 

536 

544 

552 

7 

8 

4.9 

5.6 

44 

560 

568 

576 

584 

592 

600 

608 

616 

624 

632 

9 

6.3 

45 

640 

648 

656 

664 

672 

679 

687 

695 

703 

711 



46 

719 

727 

735 

743 

751 

759 

767 

775 

783 

791 



47 

799 

807 

815 

823 

830 

838 

846 

854 

862 

870 



48 

878 

886 

894 

902 

910 

918 

926 

933 

941 

949 



49 

73 957 

965 

973 

981 

989 

997 

*005 

*013 

*020 

*028 



550 

74 036 

044 


060 

068 

076 

084 

092 

099 

107 



mm 

0 

1 

1 a 

3 

4 

5 

6 

7 1 

8 

9 

Prop, 

. Parts 
















Five-Place Logarithms: 550 — 600 


550 I 74 036 I 044 


2 


052 060 


194 

202 

210 

273 

280 

288 

351 

359 

367 

429 

437 

445 

507 

515 

523 

586 

593 

601 

663 

671 

679 

741 

749 

757 


068 | 076 084 092 | 

147 155 162 170 

225 233 241 249 

304 312 320 327 

390 398 406 

461 468 476 484 

539 547 554 562 

617 624 632 640 

695 702 710 718 

772 


896 1 

904 

912 

74 974 

981 

989 

75 051 

059 

066 

128 

136 

143 

205 

213 

220 

282 

289 

297 

358 

366 

374 

435 

442 

450 

511 

519 

526 

587 

595 

603 

664 

671 

679 

740 

747 

755 

815 

823 

831 

891 

899 

906 

75 967 

974 

982 

76 042 

050 

057 

118 

125 

133 

193 

200 

208 

268 

275 

283 



085 

093 

159 

166 

232 

240 

305 

313 

379 

386 

452 

459 

525 

532 

597 

605 

670 

677 

743 

750 

77 815 

822 



433 440 

507 515 

582 589 

656 664 
730 738 

805 812 


093 100 107 1 115 1 122 


822 I 830 ] 837 ] 844 ] 851 ] 859 
8 




































Five-Place Logarithms : 600 — 650 


79 029 
099 
169 


27 727 

28 796 

29 865 

630 79 934 

31 80 003 

32 072 

33 140 

34 209 

35 277 

56 346 


44 889 

45 80 956 

46 81 023 

47 090 

48 158 

49 224 

650 81 291 


Dll 

Ell 

3 

mm 

tmwmmmwmmi 

822 

830 

837 

844 

851 

859 866 

873 

880 

895 

902 

909 

916 

924 

931 938 

945 

952 

967 

974 

981 

988 

996 

*003 *010 

*017 

*025 

039 

046 

053 

061 

068 

075 082 

089 

097 

111 

118 

125 

132 

140 

147 154 

161 

168 

183 

190 

197 

204 

211 

219 226 

233 

240 

254 

262 

269 

276 

283 

290 297 

305 

312 

326 

333 

340 

347 

355 

362 369 

376 

383 

398 

405 

412 

419 

426 

433 440 

447 

455 

469 

476 

483 

490 

497 

504 512 

519 

526 

540 

547 

554 

561 

569 

576 583 

590 

597 

611 

618 

625 

633 

640 

647 654 

661 

668 

682 

689 

696 

704 

711 

718 725 

732 

739 

753 

760 

767 

774 

781 

789 796 

803 

810 

824 

831 

838 

845 

852 

859 866 

873 

880 

895 

902 

909 

916 

923 

930 937 

944 

951 

965 

972 

979 

986 

993 

*000 *007 

*014 

*021 

036 

043 

050 

057 

064 

071 078 

085 

092 

106 

113 

120 

127 

134 

141 148 

155 

162 

176 

183 

190 

197 

204 

211 218 

225 

232 

246 

253 

260 

267 

274 

281 288 

295 

302 

316 

323 

330 

337 

344 

351 358 

365 

372 

386 

393 

400 

407 

414 

421 428 

435 

442 

456 

463 

470 

477 

484 

491 498 

505 

511 

525 

532 

539 

546 

553 

560 567 

574 

581 

595 

602 

609 

616 

623 

630 637 

644 

650 

664 

671 

678 

685 

692 

699 706 

713 

720 

734 

741 

748 

754 

761 

768 775 

782 

789 

803 

810 

817 

824 

831 

837 844 

851 

858 

872 

879 

886 

893 

900 

906 913 

920 

927 

941 

948 

955 

962 

969 

975 982 

989 

996 

010 

017 

024 

030 

037 

044 051 

058 

065 

079 

085 

092 

099 

106 

113 120 

127 

134 

147 

154 

161 

168 

175 

182 188 

195 

202 

216 

223 

229 

236 

243 

250 257 

264 

271 

284 

291 

298 

305 

312 

318 325 

332 

339 

353 

359 

366 

373 

380 

387 393 

400 

407 

421 

428 

434 

441 

448 

455 462 

468 

475 

489 

496 

502 

509 

516 

523 530 

536 

543 

557 

564 

570 

577 

584 

591 598 

604 1 

611 

625 

632 

638 

645 

652 

659 665 

672 j 

679 

693 

699 

706 

713 

720 

726 733 

740 

747 

760 

767 

774 

781 

787 

794 801 

808 

814 

828 

835 

841 

848 

855 

862 868 

875 

882 

895 

902 

909 

916 

922 

929 936 

943 

949 

963 

969 

976 

983 

990 

996 *003 

*010 

*017 

030 

037 

043 

050 

057 

064 070 

077 

084 

097 

104 

111 

117 

124 

131 137 

144 

151 

164 

171 

178 

184 

191 

198 204 

211 

218 

231 

238 

245 

251 

258 

265 271 

278 

285 

298 

305 

311 

318 

325 

331 338 

345 

351 


Prop. Parts 






Prop. Parts 








Five-Place Logarithms : 650 — 700 503 







Five-Place Logarithms: 700 ■ 


Prop. Parts 


84 510 516 522 528 535 541 547 553 559 566 

572 578 584 590 597 603 609 615 621 628 

634 640 646 652 658 665 671 677 683 689 

696 702 708 714 720 726 733 739 745 751 


04 757 763 

05 819 825 

06 880 887 

07 84 942 948 

08 85 003 009 

09 065 071 


770 776 782 788 794 800 807 

831 837 844 850 856 862 868 

893 899 905 911 917 924 930 

954 960 967 973 979 985 991 

016 022 028 034 040 046 052 

077 083 089 095 101 107 114 


126 132 138 144 150 156 163 169 175 


187 193 199 205 211 217 224 230 236 

248 254 260 266 272 278 285 291 297 

309 315 321 327 333 339 345 352 358 

370 376 382 388 394 400 406 412 418 

431 437 443 449 455 461 467 473 479 

491 497 503 509 516 522 528 534 540 

552 558 564 570 576 582 588 594 600 

612 618 625 631 637 643 649 655 661 

673 679 685 691 697 703 709 715 721 
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800 

806 

812 

818 

824 

830 

836 

842 

848 

854 

860 
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884 
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896 
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914 

920 

926 

932 

938 

944 

950 

956 

962 

968 

85 974 
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986 

992 
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*004 

*010 

*016 
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*028 

86 034 
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046 
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076 
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088 

094 
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118 
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153 
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207 
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273 
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285 
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504 
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570 
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587 

593 

599 
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617 
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629 
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646 
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658 

664 

670 

676 

682 

688 

694 

700 

705 

711 

717 

723 

729 

735 

741 

747 

753 

759 

764 

770 

776 

782 

788 

794 
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817 

823 

829 

835 

841 

847 

853 

859 

864 

870 

876 
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900 
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917 

923 

929 

935 

941 

947 
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958 

964 
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86 982 
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994 I 
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*005 
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*017 
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*035 

87 040 
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052 | 
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064 

070 

075 

081 

087 

093 

099 

105 ! 
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146 
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181 

186 

192 

198 

204 

210 

216 

221 

227 

233 

239 

245 

251 

256 

262 

268 

274 

280 

286 

291 

297 

303 

309 

315 

320 

326 

332 

338 

344 

349 

355 

361 

367 

373 

379 

384 

390 

3961 

402 

408 

413 

419 

425 

431 

437 

442 

448 

454 

460 

466 

471 

477 

483 i 
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495 
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506 Five-Place Logarithms: 800 — 850 


mm 

0 

1 

2 

3 

4 

5 

6 

7 

8 

mm\ 

Prop. 

Parts 

800 

90 309 

314 

320 

325 

331 

336 

342 

347 

352 

358 



01 

363 

369 

374 

380 

385 

390 

396 

401 

407 

412 



02 

417 

423 

428 

434 

439 

445 

450 

455 

461 

466 



03 

472 

477 

482 

488 

493 

499 

504 

509 

515. 

520 



04 

526 

531 

536 

542 

547 

553 

558 

563 

569 

574 



05 

580 

585 

590 

596 

601 

607 

612 

617 

623 

628 



06 

634 

639 

644 

650 

655 

660 

666 

671 

677 

682 



07 

687 

693 

698 

703 

709 

714 

720 

725 

730 

736 



08 

741 

747 

752 

757 

763 

768 

773 

779 

784 

789 



09 

795 

800 

806 

811 

816 

822 

827 

832 

838 

843 



810 

849 

854 

859 

8 65 

870 

875 

881 

886 

891 

897 



11 

902 

907 

913 

918 

924 

929 

934 

940 

945 

950 



12 

90 956 

961 

966 

972 

977 

982 

988 

993 

998 

*004 


6 

13 

91 009 

014 

020 

025 

030 

036 

041 

046 

052 

057 

1 

0.6 












2 

1.2 

14 

062 

068 

073 

078 

084 

089 

094 

100 

105 

110 

3 

1.8 

15 

116 

121 

126 

132 

137 

142 

148 

153 

158 

164 

4 

2.4 

16 

169 

174 

180 

185 

190 

196 

201 

206 

212 

217 

5 

3.0 












6 

3.6 

17 

222 

228 

233 

238 

243 

249 

254 

259 

265 

270 

7 

4.2 

18 

275 

281 

286 

291 

297 

302 

307 

312 

318 

323 

8 

4.8 

19 

328 

334 

339 

344 

350 

355 

360 

365 

371 

376 

9 

5.4 

820 

381 

387 

392 

397 

403 

408 

413 

418 

424 

429 



21 

434 

440 

445 

450 

455 

461 

466 

471 

477 

482 



22 

487 

492 

498 

503 

508 

514 

519 

524 

529 

535 



23 

540 

545 

551 

556 

561 

5 66 

572 

577 

582 

587 



24 

593 

598 

603 

609 

614 

619 

624 

630 

635 

640 



25 

645 

651 

656 

661 

666 

672 

677 

682 

687 

693 



26 

698 

703 

709 

714 

719 

724 

730 

735 

740 

745 



27 

751 

756 

761 

766 

772 

777 

782 

787 

793 

798 



28 

803 

808 

814 

819 

824 

829 

834 

840 

845 

850 



29 

855 

861 

866 

871 

876 

882 

887 

892 

897 

903 



830 

908 

913 

918 

924 

929 

934 

939 

944 

950 

955 



31 

91 960 

965 

971 

976 

981 

986 

991 

997 

*002 

*007 


5 

32 

92 012 

018 

023 

028 

0 33 

038 

044 

049 

054 

059 

1 

0.5 

33 

065 

070 

075 

080 

085 

091 

096 

101 

106 

111 

2 

1.0 








i 




3 

1.5 

34 

117 

122 

127 

132 

137 

143 

148 

153 

158 

163 

4 

2.0 

35 

169 

174 i 

179 

184 

189 

195 

200 

205 | 

210 i 

215 

5 i 

2.5 

36 

221 

226 

231 

236 

241 

247 

252 

257 

262 

267 

6 

3.0 












7 i 

3.5 

37 

273 

278 

283 

288 

293 

298 

304 

309 

314 

319 

8 

4.0 

38 

324 

330 

335 

340 

345 

350 

355 

361 

366 

371 

9 

4.5 

39 1 

376 

381 

387 

392 

397 

402 

407 

412 

418 

423 



840 

428 

433 

438 

443 

449 

454 

459 

464 

469 

474 



41 

480 

485 

490 

495 

500 

505 

511 ! 

516 

521 

526 



42 

531 

536 

542 

547 

552 

557 

562 

567 

572 

578 



43 

583 

588 

593 

598 

603 

609 

614 

619 

624 

629 



44 

634 

639 

645 

650 

655 

660 

665 

670 

675 

681 



45 

686 

691 

696 

701 

706 

711 

716 

722 

727 

732 



46 

737 

742 

747 

752 

758 

763 

768 

773 

778 

783 



47 

788 

793 

799 

804 

809 

814 

819 

824 

829 

834 



48 

840 

845 

850 

855 

860 

865 

870 

875 

881 

886 



49 

891 

896 

901 

906 

911 

916 

921 

927 

932 

937 



850 

92 942 

947 

952 

957 

962 

967 

973 

978 

983 

988 
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Five-Place Logarithms : 850 — 000 





















Five-Place Logarithms: 900 — 950 















Five-Place Logarithms : 950 • 
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A, cf. Angstrom unit 
Absorbents, for carbon dioxide, 432 
for water, 432 
Accidental errors, 49 
Accuracy, and precision, 48 
of mineral analyses, 418 
Acetic acid, ionization of, 154 
with common ion, 1 GO 
strength of laboratory reagent, 12 
Acetone for drying, 448 
Acidimetry-alkalimetry, definition of, 99 
laboratory exercises in, 123 
methods and calculations, 99 
standard solutions for, 99, 124 
theory of, 152 

Acids, density and composition of, 12 
determination of, 133 
concentrated, 139 
electrometric titration of, 459 
ionization constants of, 485 
preparation of standard solutions of, 
99, 124 

titration curves for, 172, 176 
Activity, definition of, 155 
Activity coefficient, 155 
Adapter for condenser, 141 
Adsorption, at surface of solids, 361 
isotherm, 362 
Adsorption indicators, 295 
table of, 297 

Aging of precipitates, 369 
Air, buoyant effect of in weighing, 31 
Aliquot portion, 83, 86, 87, 88 
Alkalies, cf. Bases 
in rock analyses, 416 
Alkalimetry, 99 
Alloys of copper, cf. Brass 
Aluminum, gravimetric determination of, 
384 

Ammonia, density of solutions, 12, 423 
determination of in salts, 144 
distillation of for purification, 423 
Ammonium cerate as reagent, 256 
Ammonium hydroxide, density and com- 
position of, 12, 423 


Ammonium molybdate reagent, 400 
Ammonium phosphomolybdate, proper- 
ties of, 400 

Ammonium salts, destruction of in anal- 
ysis, 427 
Ampere, 438 

Analysis, by electrodeposition, 438 
gravimetric, 309 

by gas evolution, cf. Carbon dioxide 
indirect, 332 
volumetric, 69 

Analytical balance, cf. Balance 
Analytical weights, cf. Weights 
Angstrom, 359 
Anhydrone, cf. Desiccants 
Anode, 438 
reactions at, 445 

Antimony, determination of, by iodim- 
etry, 246 

by permanganate, 228 
Apatite (calcium phosphate), determina- 
tion of phosphorus in, 400 
Apparatus, cleaning of, 74 
desk outfit, 5 

volumetric, cf. Volumetric apparatus 
Arsenic, determination of by permanga- 
nate, 228 

Arsenious oxide, as standard, for iodine, 
243 

for permanganate, 215 
standard solution of, 242 
Arsenites, cf. Arsenious oxide 
reaction with iodine, 239 
Asbestos mat for Gooch crucible, 73, 321 
Ascarite as absorbent for carbon dioxide, 
101, 432 

Ash content of filter paper, 317 
Atomic weights, see inside front cover 
Average deviation, 51 

Back titration, 90 

Balance, analytical, description and use 
of, 16-42 

Balancing equations for oxidation reac- 
tions, 205 


511 
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Index 


Ball mill, 62 

Barium, gravimetric method for, 389 
Barium diphenylamine sulfonate, redox 
indicator, 280 

Barium hydroxide, standard solution, 

100 

Barium oxide, cf. Desiccants 
Barium perchlorate, cf . Desiccants 
Barium sulfate, properties of, 389 
Bases, analysis of, 135 
carbonate-free, 101, 124 
ionization constants of, 486 
preparation of solutions of, 124 
standardization of, 127 
titration curves for, 175 
Basic acetate separation, 352 
Benzoic acid as standard, 104 
Bicarbonate, pH of solutions, 195 
titration curve for, 175 
Blank, indicator, 90, 106, 181 
Blank test, definition of, 50 
Blast lamp, use of in ignition, 326 
Borax, as stabilizer for thiosulfate solu- 
tions, 242 

as standard for acids, 104 
Boric acid, as absorbent for ammonia in 
Kjeldahl determination, 143 
titration curve for, 172 
Bottle, safety, 7 
wash, 6 
weighing, 33 
Brass, analysis of, 450 
Bromate, potassium, as reagent for oxi- 
dation-reduction, 259 
Bromcresol green indicator, 124, 490; cf. 
Indicator, acid-base 

Bromides, gravimetric determination of, 
383 

volumetric determination of, 300 
Bromphcnol blue indicator, 490 
Bromthymol blue indicator, 490 
Bronsted method for formulation of acid- 
base equilibria, 163 
Buffers, 182-4 
Bunsen valve, 7 

Buoyancy of air, correction for in weigh- 
ing, 31 

Buret, use of, 71-81 
weight, 72 

Burners for Ignition of precipitates, 
325 


Calcite as standard for acids, 104 
Calcium, determination of in limestone. 
414, 425 

volumetric method for determination 
of, 227, 430 

Calcium chloride, cf. Desiccants 
Calcium oxalate, properties of, 414 
Calcium sulfate, cf. Desiccants 
in determination of calcium, 415 
Calculations, of moisture in sample, 65 
of neutralization analyses, 107 
of oxidation-reduction reactions, 208 
of precipitation titrations, 297 
stoichiometric, of gravimetric anal- 
yses, 330 

Calibration, of buret, 79 
of chain weight, 42 
of flask, 82, 83 
of notch-beam rider, 43 
of pipet, 82 

relative to flask, 83 
of volumetric apparatus, 76-85 
of weights, 38 
Calomel electrode, 274, 467 
Capacity of buffers, 183 
Carbonate, determination of in bases, 136 
titration curve for, 175 
Carbonate-free base, preparation and 
storage of, 101, 124 
reason for use of, 181 
Carbonate rocks, 409 
Carbon dioxide, determination of in 
limestone, 430 
Cathode, 438 
mercury, 442 

cc (cubic centimeter), relation to mil- 
liliter, 77 

Cells, electromotive force of, 264 
Ceric sulfate as oxidizing reagent, 255 
Chain balance, 19 
Charge of colloid particle, 362 
Chemical Abstracts, 473 
Chloride, determination of, Fajans 
method, 300 
gravimetric method, 380 
Mohr method, 303 
Volhard method, 294, 300 
Chloroplatinic acid, reagent for potas- 
sium, 417 

Chromate as indicator for chloride deter- 
mination, 292 
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Chromium, gravimetric determination 
of, 384 

volumetric determination of chromate 
by permanganate, 230 
by iodometry, 245 
Cleaning filter crucibles, 323 
Cleaning solution, 10, 74 
Coagulation of colloids, 363 
Colloids, properties of, 359 
Combined oxides in rock analysis, 413, 
423 

Common-ion effect, 160, 343 
Completeness, of precipitation, 339 
of redox reaction, 277 
Complex ions, dissociation constant of, 
286, 489 

effect on precipitation, 353 
Concentration, effect of on decomposi- 
tion voltage, 443 
of laboratory reagents, 12 
of standard solutions, 92 
units of, 107 
Conductivity water, 12 
Cone, filter, 320 
Coning, 62 

Constant-boiling hydrochloric acid, 
preparation of, 131 
pressure-composition data for, 131 
standard for acidimetry, 103, 131 
Constants, equilibrium, tables of, 485 
Contamination of precipitates, 369 
Control experiments, 50 
Conventions, electrochemical, 268 
Cooling of crucibles, 329 
Copper, determination of by electrolysis, 
448 

in brass, 451, 453 
iodometric method for, 247 
ore analysis, Park method for, 249 
standard for thiosulfate solution, 245 
thiocyanate method for, 454 
Coprecipitation, 358 
Coulomb, 438 

Counter ion, cf. Colloids, 365 
Counterpoise in weighing, 30, 432 
Crucibles, filtering, 316, 322 
Gooch, 73, 321 
marking of, 15 
platinum, 328 
porcelain, 326 

Crushing of sample for analysis, 62 


Crystals, lattice structure of, 360 
Cupferron, reagent, 402 
Current density, 441, 447 
Cyanide, determination of by Liebig 
method, 294, 304 

Damping of balance swings, 21 
Data, recording of, 13 
Deadstop end point in titrations, 89 
Decomposition of silicate rocks, 412, 
422 

Decomposition potential, 439 
Dehydration of silica, 412, 420 
by perchloric acid, 429 
Density and composition, of air, 32 
of solutions, 12, 118 
Desiccants, 9 
Desiccator, 8, 329 
Desichlora, cf. Desiccants 
Determinate error, 50 
Deviation, average, 51 
Dextrin, use in titration of chloride, 296 
Dichlorofluorescein as indicator, 297, 299, 
490 

Dichromate, potassium, as oxidation re- 
agent, 258 

as standard for thiosulfate, 244 
Digestion, in Kjeldahl analysis, 141 
of precipitates, 316, 369 
Dilution, of solutions, directions for, 85 
Dimensions, use of in calculations, 112 
Dimethylglyoxime, reagent, 402 
Diphenylamine as redox indicator, 281 
Diphenylamine sulfonic acid as redox in- 
dicator, 258, 280, 490 
Disk, perforated, cf. Gooch crucibles 
Dissociation of weak electrolytes, 154, 
192 

constants for, 485 

Distillation, of ammonia in Kjeldahl 
analysis, 141 

of ammonium hydroxide solution, 423 
of hydrochloric acid, 131 
Distilled water, 12 
Dolomite, 408 
proximate analysis of, 419 
Double-indicator titration, 138 
Double weighing, 29 
Drierite, cf. Desiccants 
Drying, of precipitates, 326 
of samples for analysis, 64 
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Index 


Electrification, effect on weighing, 30 
Electrode, reactions at, 265 
Electrodeposition, analysis by, 438 
Electrode potentials, table of, 270 
Electrolysis, 438 

Electrolytes, classification of, 153 
Electrolytic analysis, determination, of 
copper by, 448, 451 , 453 
of copper-nickel by, 449 
Electrometric titrations, 458 
Electromotive force, 265 
Electrophoresis, 363 
Emf, cf. Electromotive force 
Emulsoid, 359 

End point in titrations, 69, 89 
Eosin as precipitation indicator, 297 
Equations, writing of for oxidation reac- 
tions, 205 

Equilibria in precipitation reactions, 339 
Equilibrium, law of, 152 
Equilibrium constant, definition of, 153 
in oxidation reactions, 276 
tables of, 485 
Equipment, desk, 5 

Equivalent weight, in neutralization re- 
actions, 110 

in oxidation-reduction reactions, 203 
Error curve, 49 
Errors, discussion of, 49-51 

elimination of determinate, methods 
for, 50 

general gravimetric, list of, 376 
general volumetric, list of, 94 
in grinding sample, 63 
in weighing, 29 

Ether for drying precipitates, 396 
Evaporation of solutions, techniques of, 

311 

Expansion, of glassware, 77 
of liquids, 78 

Exponentials, use of in computations, 481 
External indicator, 201, 297 
Extraction, detection of iodine end point 
by, 237 

for separation of constituents of sam- 
ple, 310 

Factor, gravimetric, 330 
Fajan’s method for titration of halides, 
295 

Faraday’s law for electrolysis, 438 


Feasibility of neutralization titration, 177 
Ferric alum as indicator for Volhard ti- 
tration, 294, 300, 490 
Ferric ion, reduction, by stannous chlo- 
ride, 219, 220 

by zinc, in Jones reductor, 219, 224 
Ferric oxide, hydrous, properties of, 384 
Ferric thiocyanate, cf. Volhard method 
Ferroin, 256 

Ferrous ammonium sulfate (Mohr’s salt), 
determination, of iron in, 358 
of sulfur in, 393 
Figures, significant, 53-6 
Filtering crucibles, 316, 322 
Filter paper, ash content of, 317 
macerated, 320 
Filtration, by suction, 319 
technique of, 316 
First swing, weighing by, 25 
Flask, volumetric, 73, 82, 83 
cleaning of, 76 
Flocculation, cf. Colloids 
Fluorescein, indicator in halide deter- 
mination, 297 

Flux, for fusion of sample, 66 
Folding, of filter paper, 318 
Fractional precipitation, 293 
Fusion, of samples for analysis, 66, 422 

Gas absorption, train for, 431 
Gauze electrodes, 446 
Gel, 359 

Glass, attack of by reagents, 12 
Glass electrode, 461 
Glass filtration crucible, 322 
Glass hooks for support of watch glass 
cover on beaker, 312 
Gooch crucible, 73, 321 
preparation of mat in, 73, 321 
Gram, definition of, 16 
Graphs, for calibration of buret, 80 
for electrometric titrations, 465 
for pH in neutralization, 172, 175, 176 
Gravimetric analysis, calculations of, 
330 

laboratory exercises, 380, 419, 451 
methods and operations of, 309 
Gravimetric factor, 330 
Grease, for desiccator cover, 8 
for stopcocks, 74 

Grinding of samples for analysis, 62 
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Half-cell, 267; cf. Electrode 
Halides, cf . Bromide, Chloride, Iodide 
Halogen compounds, organic, determina- 
tion of halogen in, 383 
Handbook, 15 

Hooks, glass, for supports, 312 
Hydrochloric acid, constant-boiling solu- 
tion of, 103, 131 

density of concentrated solution of, 12 
gravimetric determination of, 384 
preparation of standard solution of, 
124, 132 

standardization of solutions, 130, 132 
Hydrofluoric acid for volatilization of 
silica, 428 

Hydrogel, cf. Colloids 
Hydrogen electrode, 273, 459, 467 
Hydrogen-ion concentration, experimen- 
tal determination of, 459 
in buffers, 182 

in titrations, 171; cf. Titration curves, 

pH 

Hydrolysis, 161, 190, 193 
ITydrosol, cf. Colloids 
Hydrous oxides, properties of, 385 
Hydroxides, cf. Bases 
8-Hydroxyquinoline, determination of by 
bromate titration, 260 
as reagent for precipitation of mag- 
nesium, 402 

Ignition of precipitates, 325, 373 
Indeterminate error, 49 
Indicator, 70 

acid-base, 104, 124, 165, 490 
blank, 90, 106, 181 
mixed, 124, 170 
oxidation-reduction, 200, 280 
preparation of solutions and list of 
commonly used, 490 
selection of for titration, 104, 176 
table, of acid-base, 166 
of oxidation-reduction, 280 
of precipitation (adsorption), 297 
Indirect analysis, method of calculation 
for, 332 

with iodine, 236; cf. Iodometry 
Inequality of balance arms, 29 
International atomic weights, see inside 
front cover 


Iodide ion, determination of, 250, 383; 

cf. Chloride, determination of 
Iodimetry, 235; cf. Iodine, analytical 
applications 

Iodine, analytical applications, 219 
reactions of, 238 

standardization of thiosulfate by, 242 
standard solution, 241 
Iodometry, 236; cf. Iodine, analytical 
applicatio ns of 

fgmzation, of electrolyte^ 153, 155, 192 
*of water, 156 

Ion ization constants, table of, 485 
determination of by emf measure- 
ments, 285 

Iron, as primary standard, 216, 257, 259 
determination of, by ceric sulfate, 258 
by dicliromate, 259 
by gravimetric methods, 384 
by permanganate, 219 
in brass, 452 

Iron ores, cf. Iron, determination of 
Iron oxide, properties of, 384 
Isotherm, adsorption, 362 

Jaw crusher, 62 

Jones reductor, 225 

Journals of analytical chemistry, 472 

Keyboard balance, 20 
Kilogram, definition of, 16 
Kjeldahl method for nitrogen, 140 
Ksp, cf. Solubility-product constant 

Laboratory notebook, 13 
Laboratory work, general instructions 
for, 14 

Lead, determination of in brass, 451, 453 
Liebig method, for determination of cy- 
anides, 294, 304 
Limestone, analysis of, 408 
Limits of error (tolerances), in analytical 
weights, 38 

in volumetric apparatus, 84 
liter, definition of, 77 
Literature, use of, 472 
Logarithms, table of, 492 
use of, 482, 491 

Loss in weight, of platinum crucibles on 
heating, 329 

of precipitate in wash water, 347 
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Loss in weight, of samples on ignition, 
determination of, 411, 419 

Macerated filter paper, 320 
Magnesium, determination of, 261, 395, 
402 

in limestone, 416, 427 
Magnesium ammonium phosphate, 
properties of, 395 

Magnesium perchlorate, cf. Desiccants 
Manganese, determination of in pyrolu- 
site, 229 

in rocks, cf. Dolomite 
Marking apparatus for identification, 15 
Mass, definition and units of, 16 
Mathematical operations, 481 
McBride procedure for titration of oxa- 
lates by permanganate, 218 
m e (mi lliequi valent), 111, 203 
Mechanical stirring, 315 
Meker burner, 326 
Meniscus of liquid, 78 
Mercuric chloride reagent, 221 
Mercurous chloride for use in calomel 
half-cell, 467 
Mercury cathode, 442 
Mesh of sieve, 63 
Methyl orange, 490; cf. Indicator 
structural formula for, 170 
Methyl red, 490; cf. Indicator 
Methyl red-bromcresol green mixed indi- 
cator, 490 

Milliequi valent (m e), in acidimetry. 111 
in oxidation-reduction, 203 
Milliliter (ml), definition of, 77 
Millimole (m mol), definition of, 111 
Mineral analysis, cf. Limestone 
Mixed indicator, for acid-base titrations, 
124, 170 

Modified methyl orange indicator, 490 
Mohr method for halogen determina- 
tions, 293, 303 

Mohr’s salt (ferrous ammonium sulfate), 
determination of iron in, 388 
determination of sulfur in, 393 
Moisture, determination of, 64 
effect in weighing, 30 
Molal solution, 109 
Molar solution, 108 
Molarity of laboratory reagents, 12 
Mole, 107 


Mole fraction, 273 

Molecular weights, see inside back cover 
of book for list of frequently used 
weights 

Molybdate reagent, 400 
Mortar, agate for grinding sample, 63 
steel for crushing, 63 
Muffle furnace, 327 
Munroe crucible, 316 

Nernst equation for emf, 275 
Neutral salt effect, 345 
Neutralization, 99-197 

indicators, 104, 124, 165, 490 
theory of, 152 
cf. Acidimctry— alkalimetry 
Nickel, determination of by electrolysis, 
449 

Nitric acid, strength of concentrated 
solution, 12 

Nitrobenzene, use of, in Volhard anal- 
ysis, 302 

in iodoinetric copper analysis, 248 
Nitro-Ferroin redox indicator, 280 
Nitrogen, determination of by Kjeldahl 
method, 140 
Nitron, reagent, 402 
a-nitroso-jS-naphthol, reagent, 402 
Normality of solutions, 111 
Notebook, sample pages, for buret cal- 
ibration, 80 

for calibration of weights, 41 
for comparison of acid and base, 127 
for weighing data, 26 
for determination of moisture, 65 
for standardization of acid and base, 
129 

suggestions for keeping, 13 

Objectives of course, 2 
Occlusion, 358; cf. Coprecipitation 
Ohm’s law, 438 

Operations, of gravimetric analysis, 309 
of titration, 89 
of volumetric analysis, 91 
of weighing, 21 

Organic precipitants, in gravimetric anal- 
ysis, 314, 402 

Orthophenanthroline ferrous complex 

(Ferroin), for redox indicator, 256, 
280, 490 
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Overvoltage, 440 

Oxalic acid, determination of by perman- 
ganate, 227 

as standard, for bases, 104 
for permanganate, 215 
Oxidation potentials, 202, 264 
Oxidation-reduction, 198 

by iodine, cf. Iodimetry, Iodometry 
by permanganate, 213 
completeness of, 201, 277 
definitions of, 198 
electrochemical theory of, 264 
equations, balancing, 205 
indicators for, 200, 280, 490 
methods and calculations of, 208 
potentials, 264 
stoichiometry of, 203 
titrations, electrometric, 458, 462 
with bromate, 259 
with ceric sulfate, 255 
with dichromate, 258 
Oxidizing agents, table of, 205 
Oxine, cf. 8-hydroxy quinoline 
Oxygen, determination of available in 
pyrolusite, 229 

Paneth-Fajans-Hahn rule for coprecipi- 
tation, 362 
Paper, filter, 317 
Parallax in reading buret, 78 
Park method for determination of copper 
in ore, 249 

Peptization of colloids, 366 
Percentage composition of solutions, 12, 
108 

Perchloric acid, for dehydration of silica, 
429 

for determination of sodium and potas- 
sium in rock analysis, 417 
Period of balance, 36 
Periodicals, list of, 472 
Permanganate, as oxidation reagent, 213 
pH, computation of in solutions, 158, 171 
definition of, 156 

effect of, in electrodepositions, 444 
in reactions involving iodine, 240 
on solubility of precipitates, 348 
meter, 461 

Phenolphthalein, 490; cf. Indicator 
structural formula for, 169 
Phosphoric acid, cf. Phosphorus 
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Phosphorus, gravimetric method for de- 
termination, 395 

volumetric determination with molyb- 
date reagent, 401 

Phosphorus pentoxide, cf. Desiccants 
Pipet, 72 

calibration of, 82 
cleaning of, 76 

use of for measurement of liquid vol- 
ume, 87 

Pk, definition of, 158 
Platinum crucibles, care of, 328 
loss in weight on ignition at various 
temperatures, 329 
pOH, definition of, 158 
Polarity of electric cell, 268 
Policeman, 8, 324 
Postprecipitation, 469 
Potassium, determination of in rock 
analysis, 416 

Potassium acid phthalate as primary 

standard in acidimetry, 102, 127 
Potassium bromate as reagent for titra- 
tion of 8-hydroxyquinoline, 259 
Potassium chloroplatinate, 417 
Potassium dichromate (bichromate), as 
redox reagent, 258 
as standard for thiosulfate, 244 
Potassium permanganate as redox re- 
agent, 213 

Potassium thiocyanate as volumetric 
precipitation reagent, 301 
Potential, decomposition, 439 
electric, 266 
oxidation, table of, 270 
Potentiometer, 467 

Potentiometric titration, cf. Electro- 
metric titration 

Precipitates, contamination of, 369; cf. 
Coprecipitation 
drying, 325 
filtration, 316 
ignition, 325, 373 
purity of, 369 
washing, 323, 372 

Precipitation, choice of reagent for, 313 
conditions for, 367 
fractional, 293 

organic reagents for, 314, 402 
technique of, 315 
theory of, 339 
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Precipitation, volumetric analysis by, 
292 

Precision, definition of, 48 
evaluation of, 51 
methods for increasing, 52 
of volumetric analysis, 90 
Preventive solution, in iron analysis, 220 
Primary standard, 70, 92; cf. Standard- 
ization 

Probability curve (error curve), 49 
Proximate analysis of limestone, 419 
Purity of precipitate, 369, 377 
Pyrites, determination of sulfur in, 393 
Pyrolusite, determination of available 
oxygen in, 229 

Quadratic equations, 483 

Quartering for subdivision of sample, 60 

Quinhydronc electrode, 459, 469 

Reading position of meniscus, 78 
Reagents, density and composition of, 1 2 
grades of, 10-11 
purity and grades, 10 
Records, cf. Notebook 
Redox, cf. Oxidation- reduction 
Reducing agents, for ferric ion, 219 
list of, 205 

Reductor, cf. Jones reductor 
Reference books, lists of, 13, 455, 469, 475 
Reference electrode, 274 
Rejection of observation, 52 
Report, sample card for, 133, 134 
Reprecipitation, 371 
Rest point, balance, determination of, 
22, 23 

Rider for balance, 17, 37 
Riffling, 62 

R 2 O 3 , precipitate in rock analysis, 413, 
423 

Rock analysis, cf. Limestone 
Rubber, cleaning of, 7 

Safety bottle, construction of, 7 
Salt bridge, 265 

Salts, effect of on solubility, 345 
hydrolysis of, 161, 193 
titration of, 180 

Sample, preparation of for analysis, 60, 
67 

size of for analysis, 93 


Sample, solution of, 66 
weighing of, 33 
Sampling, 60 
Secondary standard, 70 
Selas crucible, 322 
Sensibility of balance, cf. Sensitivity 
Sensitivity of balance, 20, 24 
theory of, 35 

Separation of metals by electrolysis, 443 
Sieves, 63 

Significant figures, 53-56 
Silica, determination of, 412, 420 

perchloric acid method for- dehydra- 
tion of, 429 

purification of with hydrofluoric acid, 
428 

Silica crucibles, 419 
Silica triangles, 328 

Silicates, decomposition of for analysis, 
412, 420; cf. Fusion 
Silver, gravimetric method for, 383 
volumetric method for, 299, 303 
Silver chloride, properties of, 380 
Silver chromate, 293, 303 
Silver cyanide, 295 

Silver nitrate, standard solution of, 299, 
303 

Silver thiocyanate, 294, 300 
Single electrode potential, 266 
table of, 270 

Smith, J. Lawrence, method for determi- 
nation of alkalies in minerals, 416 
Soda ash, analysis of, 136 
Soda lime, as absorbent for carbon diox- 
ide, 101 

Sodium, in rock analysis, 416 
Sodium arsenite, standard solution of, 
242 

Sodium bicarbonate, pH of, 195 
Sodium carbonate, as primary standard, 
130 

Sodium chloride, as primary standard, 299 
Sodium hydroxide, 100, 124, 181 
carbonate-free, 106, 124 
standard solution, 124, 181 
standardization of, 127 
Sodium oxalate, primary standard, 217 
Sodium thiosulfate, reagent for iodine, 
242 

Sol, 359; cf. Colloid 
Solubility, discussion of, 339 
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Solubility-product constant ( Ksp ), 341 
determination of by emf measurement, 
286 

table of, 487 

Solution, preparation of for analysis, 66, 
310 

Solvent, effect of on solubility, 340, 345 
Spoon, for weighing bottle, 28, 34 
Spot-test indicator, 201, 297 
Stability of colloid, 362 
Standard, primary, 70 
requirements of, 92 
Standard solution, 99 
Standardization, 70, 92; cf. Standard 
solution 

Standard state, 272 
Stannous chloride, 222 
Starch indicator, 236, 237 
Steam distillation in Kjeldahl analysis, 
141 

Stibnite, determination of antimony in, 
228, 246 
Stirring rod, 8 
Stoichiometric point, 69 
Stoichiometry, of gravimetric analysis, 
330 

of neutralization, 107 
of oxidation-reduction, 203 
of precipitation, 297 
Stopcock grease, 74 
Strong electrolyte, ionization of, 155 
Sublimation of iodine for purification, 241 
Suction filtration, 319 
Sulfamic acid, primary standard, 103 
Sulfur, gravimetric method for, 389 
Sulfuric acid, density and composition of 
solution, 12; cf. Desiccants 
Supersaturation in precipitation, 367 
Suspensoid, 359; cf. Colloid 

Tabling, for preparation of homogeneous 
sample, 62 

Tare, in weighing, 29 
Temperature, effect of, on concentration 
of solution, 78 
on solubility, 344 
on volume of glassware, 77 
of burners, 326 
Theory, of neutralization, 152 
of oxidation-reduction, 264 
of precipitation, 292, 339 
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Thiocyanate, as reagent, for silver, 301 
for copper, 454 

Thiosulfate, as reagent for iodine, 242 
reactions of, 238 

Tin, determination of in brass, 451, 452 
Titanium, cf. Dolomite 
Titer, 112 

Titration, definition of, 69 
curves for, 170, 465 
of salts, 180 
technique of, 89 
Titrimetric analysis, 69 
Tolerances, for analytical weights, 38 
for volumetric glassware, 84 
Transfer of solutions, technique of, 85, 87 
Turbidity, end point in titration, 294 

Ultramicroscope, 360 
Urea, use of, in copper analysis, 247 
in electrodeposition, 449 

Valence number, 206 
Volhard method for halogens and silver, 
294, 300 
Volt, 266 

Volume, change of with temperature, for 
glass, 77 

for 1 g water, table, 81 
for solutions, 78 
Volumetric analysis, 69 
advantages of, 71 
general errors in, 94 
methods and apparatus for, 69 
operations of, 91 
precision in, 90 
requirements for, 70 
types of, 69 

Volumetric apparatus, tolerances for, 84 
use of, 73, 85-91 

Volumetric flask, calibration of, 82, 83 
cleaning of, 76 
use of, technique, 85 
Volumetric precipitation reactions, 292 
Von Weimarn, relation for supersatura- 
tion, 367 

Wash bottle, 6 

Washing precipitate, 323, 372 
Water, volume of 1 g at various tempera- 
tures, 81 

Weak electrolyte, ionization of, 154, 192 
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Weighing, cf. Balance, analytical 
Weighing bottle, 28, 33 
Weight, in vacuo, 32 
relation to mass, 16 
Weight buret, 72 
Weights, analytical, 37 


Zero point, 22 

Zimmermann-lReirihardJ^iethp^Jfor iron 
determination, 219 

Zinc, as reducing agent for ferric ion, 219, 
224 

determination of in brass, 452, 454 










